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PART I. THE MERCURY(II)-INDUCED DEMETHYLATION 
OF METHYLCOBALT(III) COMPLEXES 
2 
INTRODUCTION 
Mercury(II) has long been known as an excellent electrophile. One 
of the first reported kinetic studies of the electrophilie attack on 
organometallics by mercury(II) was the study of the exchange reactions of 
an alkylmercury bromide with ^^^Hg labelled mercuric bromide^ as shown 
in eq 1. 
RHgBr + ^^^HgBrg^ = R^^^HgBr + HgBrg (l) 
2 The rate law was first order in each reactant. Ingold showed that ex­
change occurs with retention of configuration by using optically active 
alkylmercury compounds. This work established that the exchange is a 
bimolecular electrophilie reaction. However, experiments to determine 
whether the transition state is "open" (S^2) or "closed" (S^i) were less 
conclusive.^ The rates of exchange measured for a series of compounds, 
HgXg (X = Br , I", OAc", NO^") Increased sharply with increasing ionic 
character of the Hg-X bond Implying that the transition state did not con­
tain an X ligand as a bridge, rather, reactivity was increased by the 
absence of an X group. Since a "closed" transition state requires a double 
bridge type structure with both the alkyl group and an X ligand acting as 
bridging ligands the evidence suggests t. .t the reaction does not proceed 
via an S^l mechanism. 
Not all mercury(II) exchange reactions occur via S^2 mechanisms. In 
dimethylsulfoxide the rate of mercury exchange between ethyl a-bromomer-
curiphenylacetate, I, and mercuric bromide was found to be independent of 
the concentration of mercuric bromide. This reaction is promoted by 
3 
CH — C 
0—CH2CH3 I 
HgBr 
I 
the substitution of electron acceptors on the benzene ring, consistent 
with the Sg1 mechanism since electron acceptors would be expected to 
stabilize the anionic intermediate. Ingold^ has found that optically 
active ^ racemizes at the same rate as it exchanges, confirming that 
configuration is lost in an S^l reaction. The deciding criterion as to 
whether an exchange will proceed via the S^l or S^2 mechanism appears to 
be ability of the solvent to complex and stabilize the intermediate 
carbanion, for when 1 is allowed to exchange with mercuric bromide in 
other solvents (pyridine, dimethylformamide, aqueous dioxane, nitromethane, 
benzene, and aqueous ethanol) the exchange occurs via a bimolecular 
mechanism.^ 
In recent years other alkyl transfer reactions have been reported. 
The net transfer of an alkyl group from chromium(III) to mercury(II), 
eq 2, has been reported 
pyr-CHgCrfHgO)^^* + Hg^*—» Pyr-CHgHg* + Cr(H20)63+ (2) 
4 
by Coombes and Johnson.^ There are differences between alkyi mercury 
exchange and the net transfer of an aîkyl group from a transition metal 
to mercury(II) as shown in reaction 2. For the exchange reaction, AH° 
is zero (ignoring the isotope effect) and the driving force for the 
reaction is only the entropy of mixing. This is not true for the 
reaction of an organotransition metal with mercury(II). The equilibrium 
constant is quite large, presumably due to the formation of strong bonds 
between the mercury(II) ion and the alkyl group. Nevertheless one might 
expect to find some correlation between the two types of reaction since 
the transition states may be similar in structure. Such correlations 
have been found. For example, the reactivities of the various halo-
mercury (II) complexes have been found to be similar in both the alkyl 
exchange reactions and dealkylation reactions. By varying the total 
chloride concentration and analyzing the resultant observed rate constant 
in terms of the known equilibria, Coombes and Johnson^ found the order of 
reactivity for the dealkylation of pyridiomethylpentaaquochromium(III) as 
in reaction 2 to be Hg^'*"»HgCl'*"»HgCl^"^^gClj^^'>HgClThe rates do not 
follow the thermodynamic stability of mercury complexes because of a 
coulombic effect which causes the negatively charged mercury(II) com­
plexes to be better electrophiles than mercuric chloride. This same type 
of reactivity is observed in the alkylmercury(II)-mercuric bromide ex­
change system.^ When lithium bromide is added to a solution containing 
alkylmercury(II) and mercuric bromide the rate of exchange increases, 
indicating increased reactivity of HgBr^ . Although no experiments with 
HgBr^ or Hg^^ have been reported, the fact mentioned earlier that the ex­
change rate increases with increasing ionic character of the Hg-X bond 
5 
strongly suggests that such experiments would show reactivity parallel 
to that in the mercury(II)-alkylchromium(II) system. 
Johnson^ has also concluded that like the exchange systems, the 
reaction proceeds through an "open" transition state (5^2) since only 20% 
2+ 
of the chromium product is CrCl when the chloride concentration 
is such that practically all the reaction occurs between the organo-
chromium(III) complex and the tetrachloro- or trichloro-mercury(II) 
species. The 20% chlorochromium(III) product is attributed to chloride 
capture by a five-coordinate chromium(III) intermediate rather than to 
any bridged transition state. 
Some studies of alkylcobalt(III) systems have been reported. Al­
though mercury(II) preferentially removes a cyanide ligand rather than 
the alkyl group from pyridiomethylpentacyanocobalt(III), there are ex­
amples of other alkyl cobalt(III) complexes being dealkylated by 
mercury(II). Kwan and coworkers^ first reported the demethylation of 
methylaquobi s (dimethyl glyoximatD)coba1t (III). Recently, Adin and 
g 
Espenson have quantitatively studied the kinetics of a series of 
alkylaquobis(dimethylglyoximato)cobalt(III) complexes (RCo(dmg)2H20). 
They found the mechanism could be interpreted by eq 3 and 4. The magni­
tudes of K and k^ depend upon the specific alkylcobaloxime used. 
RCo(dmg)2H20 + [RCotdmggHjHgO]* (3) 
k 
RCo(dmg)2H20 + ^ Co(dmg)2(H20)2* + HgR* (4) 
Selected results of the Adin and Espenson work are summarized in Table I. 
6 
Table I 
Kinetic and Equilibrium Parameters 
for RCo(dmg)H20—Reactions^ 
R K 
^2 
M-^sec-l 
CHg 3.5 65. 
CHgCHj 4.2 0.121 
CHgCHgCH. 4.3 0.092 
CH (CHgig --- <7 X lO'Gb' 
CHgCHgCHgCHj 4.1 0.36 
^Aqueous solutions at 25° and 1.0 M ionic strength maintained by perchloric 
acid-lithium perchlorate. ^Considerable quantities of were formed. 
7 
The second order kinetics indicate that electrophi1ic substitution 
proceeds via a bimolecular mechanism. The effects of substituents at 
the d and p carbons of R also support an 5^2 mechanism. The former is 
accompanied by marked rate effects (Me>Et>i-Pr), whereas the latter Is 
nearly without effect (Et'^n-Pr/'^n-Bu). This is consistent with the 
2+ 
attack of Hg on the same side of the a carbon as the Co atom. Such 
g 
a reactivity scheme has been noted in alkylmercury(II) exchange reactions 
where the reaction is known to proceed by an 5^2 mechanism. 
Other aIkyIcobalt(III) complexes which have been found to react with 
mercury(II) Include cobalamin and cobinamides.However, this work 
cannot be compared directly with Espenson and Ad In or this present work 
since mercury(II) was added as the acetate which is known to be quite 
stable even In acid solution (p^ for Hg^* + approximately 
g  
10 ). Hence, a deactivation would be expected presuming this reaction 
behaves in a manner similar to other electrophilie reactions of mer­
cury (II). 
Several other a Ikyl cobalt (III) compounds have been synthesized." 
In general, these alkylcobalt(III) complexes consist of a tetradentate 
Schlff base occupying the equatorial positions and the alkyl group 
occupying one of the axial positions. The sixth ligand can be water, 
pyridine, ammonia, or thiocyanate. 
The anions of four of the many Schlff bases available are shown In 
Figure 1. All four can complex cobalt and form alkylcobalt(III) com­
plexes. Since these complexes would presumably be similar in reactivity 
to the closely related cobaloximes and corrinolds, one would expect these 
0°" 
X=N N=C. 
I I \ 
HgC—CHg 
sQlen 
.C=N N=C 
\ 
saloph 
Figure 1.—Structures of 1igands used in this study 
^C=^N N=C^ 
H3C I I CH3 
H2C-CH2 
dimethylsalen 
I I 
HgC —CHg 
dimethylnapsalen 
9 
complexes to be dealkylated by mercury(II). The work reported here 
confirms this. The kinetics and mechanism of demethylation of four 
methylcobalt(III) complexes—CHjCofsalenjHgO, CH^Co(dimethyl salen)H2O, 
CHjCofsalophÏHgO and CH2Co(dimethy1napsalen)H20 have been studied. All 
react with mercury(II) to form methylmercury(II) and a cobalt(III) com­
plex of the form Co(L)(H20)2* where L is the Schiff base. Structural 
differences in these complexes result in different rates of demethylation. 
A correlation was noted between the possibility of djt-pn bonding between 
the cobalt and the Schiff base and the complex's reactivity. This point 
will be discussed in detail. 
10 
EXPERIMENTAL 
Materials. — In general all cobalt complexes were prepared by the 
reduction of the cobalt(II) complex to cobalt(I) with sodium amalgam 
followed by a nucleophil ic attack by cobalt (I) on methyl 
iodide.The synthesis is illustrated by the following set of re­
actions where L is the Schiff base. 
NH^ + CoClz'GHzO + L • [(NH^JCofLjCljCl 
[NH,C0(L)C1]C1 -%2^"Co(I)" 
'to(I]f'+ CHjl » CHgCofLiHgO + l" 
The detailed procedure is given below. Abbreviations used in this section 
refer to ligands mentioned in the preceding section. 
CH^Co(salen)H20 was prepared in the following manner. The ligand 
salen was prepared by refluxing 2k.kg (0.2 mol) sal icy1 aldehyde with 3.2g 
(0.1 mol) ethylenediamine in 100 ml of methanol. After thirty minutes the 
solvent was removed by evaporation and the precipitate was allowed to 
dry in air. After drying, 12.0g (0.05 mol) salen was added to 11.9g 
(0.05 mol) of CoC12*6H20 in 100 ml of methanol. Five ml of concentrated 
ammonium hydroxide was added and the solution was refluxed for thirty 
minutes. The solvent was removed and the solid residue was dissolved in 
100 ml of tetrahydrofuran. The solution was bubbled with nitrogen and 1% 
sodium amalgam was added. 
After an initial induction period of approximately five minutes 
11 
(presumably due to the presence of water) the solution rapidly changed 
from brown to green. Then l4.2g (0.05 mol) methyl iodide was added. The 
green color quickly disappeared. Fifty ml of water was added, the 
tetrahydrofuran removed by evaporation, and the resultant reddish-brown 
CH^Co(salen)H20 was collected by filtration, washed with ether, and dried 
in air. 
CH2Co(dimethylsalen)H20 and CH2Co(dimethylnapsa1en)H20 were prepared 
in a similar manner using 27.7g (0.2 mol) o-hydroxyacetophenone and 37.2g 
(0.2 mol) l-hydroxy-2-acetonapthone respectively as starting materials in 
place of salicylaldehyde. 
CH2Co(sa1oph)H20 was prepared in a similar manner to the salen com­
plex substituting 10.8g (0.1 mol) o-phenylenediamine for ethylenediamine. 
Mercury(II) perchlorate stock solutions were prepared by dissolving 
reagent grade mercury(II) oxide in a slight excess of perchloric acid. 
12 Solutions were analyzed by the Vol hard method. Lithium perchlorate 
was prepared by dissolving reagent grade lithium carbonate in a slight 
excess of 72% perchloric acid. The lithium perchlorate precipitated upon 
reduction of the volume and was recrystal1ized. Stock solutions of 
lithium perchlorate were analyzed by passing aliquots through a column of 
Dowex 50W-X8 cation resin in the form. The resin was rinsed with water 
and the rinsings titrated with standard sodium hydroxide. 
Spectra.—All visible and ultraviolet spectra were recorded on a Gary 
Model |4 recording spectrophotometer. 
The total cobalt concentrations used to determine the molar absorptiv-
ities were obtained in two ways. In the first method,'' the cobalt 
12 
concentration was determined spectrophotometrically by measuring the 
absorbance of Co(NCS)^^ in 50% acetone solution at 623 nm where the 
complex has a molar absorptivity of l842 M 'cm 
The second method involves the use of emission spectroscopy, in 
this method, the ligands around cobalt are destroyed, the cobalt is re-
13 duced to cobalt(0) and excited by the use of an ion plasma. it is 
particularly convenient for water solutions of metal complexes since no 
sample preparation is needed. It is necessary only to have standards in 
the same concentration range as the unknown. The procedure for this 
cobalt analysis follows. 
Standard solutions with cobalt concentrations of 1, S, and 10 x 10 ^ 
M were prepared by appropriate dilutions of a stock solution made up with 
CoC12*6H20. The concentrations of the stock solution were verified both 
14 by weight of the cobalt salt and spectrophotometric analysis. The 
light emission of these samples was measured at 3^5*35 nm from which a 
calibration curve was constructed. The samples were then run and the 
concentrations obtained from the calibration curve. 
Kinetic Experiments.—The dealkylation reactions of the alkyl cobalt 
compounds in the present study are fast. With millimolar concentrations 
of mercury(II), the reactions can be followed conveniently using the 
stopped-flow method. 
A Purrum stopped-flow spectrophotometer equipped with a D-131 
Amplifier was used in all experiments. Previous experiments'^ established 
that the effective optical pathlength was 1.92 cm. The absorbance signal 
was displayed on a Tektronix 564b storage oscilloscope whose time base 
13 
was calibrated with a time mark generator. The log amplifier was 
calibrated so that a ten volt response would correspond to one absorbance 
unit. With the use of an off-set control and sensitivity control any 
region between 0 and 2.0 absorbance units could be expanded from 1.0 ab­
sorbance unit full scale to 0.025 absorbance units full scale. 
All experiments were performed at unit ionic strength, maintained 
with lithium perchlorate. The temperature was kept constant at 25°. 
Spectrophotometric Titration.—The titration was performed in the 
following manner. A stock solution of CH^CofsalenjHpO was prepared by 
dissolving the solid in 1.0 M HCIO^ and filtering the undissolved solid. 
Six ml of this solution was poured into a 2 cm cell and the absorbance 
measured. Then an appropriate amount of 4.0 M mercury(II) perchlorate 
(0.005 to 0.05 ml) was syringed into the cell with a microsyrînge, the cell 
shaken, and the absorbance read. For solutions where mercury(II) was the 
minimum reagent some decrease in absorbance was noted, due to the reaction 
of CHgHg* with the methyl cobalt(III). The initial absorbance reading 
after the addition of mercury(II) was taken to be the correct reading and 
used in the titration plot. 
The change in volume of the cobalt solution due to the addition of 
mercury(II) perchlorate was negligible (AV/V^O.004). 
Treatment of the Kinetic Data.—All rate runs were analyzed according 
to eq 5 where is the absorbance at time t, is the initial absorbance 
ln|Dj - D.I = ln|Do - D.I - koi^st (5) 
and Dgg is the absorbance after the reaction is complete. 
14 
The experimental rate constants, were fitted to eq 6 by using 
16 
a non-linear least squares program. 
2+1 
The average relative error in k^^^ was judged to be a constant so the 
2 data were weighted according to l/fk^^^) in carrying out the final 
analysis. 
15 
RESULTS 
Spectra.—The spectrum of each of the four methylcobalt(III) com­
plexes was measured in aqueous 1.0 M HCIO^. The calculated molar 
absorptivities are listed in Tables II, III, IV, and V. The maxima of 
each complex are listed in Table IV. 
Stoichiometry.—The stoichiometry was rigorously checked for only 
one of the four compounds, CH2Co(salen)H20 and was found to follow eq 7* 
+ CH2Co(salen)H20 = HgCH^"^ + Co(salen) (H^O)(7) 
The cobalt product was identified by comparing the spectrum of the product 
with the spectrum of an authentic sample of Co(salen)(H20)2^ prepared by the 
air oxidation of Co(salen)(H20^and subsequent acidification as described 
by Costa.'* Methylmercury(II) could not be isolated in sufficient 
quantity to obtain a melting point because of the low solubility of the 
CH2Co(salen)H20 (ca. 10 \). However, when enough halide was added to 
the product solution so that the halide concentration was approximately 
equal to the mercury(II) concentration, the solution became opalescent 
indicative of formation of a precipitate. This precipitate could not 
have been the dihalide of mercury(II) since there is no precipitation of 
the dihalide until the halide to mercury(II) ratio becomes significantly 
larger than one. 
Mercury(II) was shown to react in a 1:1 ratio with CH^Co(salen)H20 
by spectrophotometric titrimetry. Figure 2 shows the results of the 
t  !  t  i  n n .  
As can be seen from the plot, there is a definite break when the 
16 
Table II 
Spectrum of CHgfsalophjHgO^ 
X 
nm 
X 
nm 
-1^ -1 M cm 
600 221 400 563 
590 219 390 600 
580 222 380 635 
570 227 370 662 
560 232 360 719 
550 236 350 863 
540 244 340 1130 
530 248 330 1880 
520 256 320 2450 
510 264 310 2670 
500 275 300 2580 
490 287 290 2560 
480 314 280 2900 
470 336 270 3210 
460 363 260 3260 
450 399 250 3880 
440 430 240 4110 
430 479 230 4200 
420 522 220 3870 
4l0 545 210 5690 
"Obtained in aqueous 1.0 M HCIO^. 
17 
Table III 
Spectrum of CHgCofdimethylsalenÏHgO^ 
\ 
n m 
X 
nm 
600 106 400 2840 
590 125 390 --
580 161 380 4212 
570 222 370 5273 
560 254 360 6110 
550 363 350 7260 
540 466 340 7930 
530 543 330 8050 
520 627 320 7780 
510 682 310 7410 
500 711 300 7160 
490 711 290 9550 
480 685 280 13800 
470 659 270 28000 
460 669 260 30700 
450 768 250 45500 
440 1020 240 4l600 
430 1400 230 42700 
420 i860 220 50300 
4l0 2380 
"Obtai ned in aqueous 1.0 M HCIO^. 
18 
Table IV 
Spectrum of CH2Co(salen)H20^ 
X 
nm M-'cm-l 
k 
nm 
600 77 400 2730 
590 99 390 3330 
580 122 380 4300 
570 210 370 5200 
560 243 360 5910 
550 331 350 6350 
540 398 340 6410 
530 486 330 6220 
520 552 320 5880 
510 641 310 5570 
500 674 300 5540 
490 696 290 8070 
480 696 280 12600 
470 663 270 19200 
460 663 260 27600 
450 740 250 32800 
440 1030 240 33600 
430 1460 230 35400 
420 1990 220 4l 100 
4l0 2350 210 41700 
200 42400 
^Obtained in aqueous 1.0 M HCIO^. 
\ 
nir 
400 
390 
38c 
370 
360 
350 
340 
330 
320 
310 
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Table V 
Spectrum of CH^CofdimethylnapsalenjHgO^ 
-1^ -1 -1^ -1 M cm n m M cm 
1820 300 3070 
2420 290 3520 
2740 280 4790 
2800 270 5720 
2600 260 9450 
2170 250 14100 
1820 240 14700 
1720 230 14100 
1890 220 13600 
2490 210 21400 
in aqueous 1.0 M HCIO^. 
20 
Table VI 
Spectral Characteristics of Methylcobalt(III) Complexes^ 
Complex X 
max 
nm 
CHgCofsalenjHgO 490, 410 (inflec), 342 
CHjCo(dimethyl sal en)H2O 492, 332, 265 (inflec), 239 
CH2Co(sa1oph)H20 400 (inflec), 318, 291 
(inflec), 278 (inflec), 
253 (inflec), 247 (inflec), 
245 (inflec) 
CHjCo(dimethylsalen)H20 365, 271 (inflec), 240 
^Obtained in aqueous 1.0 M HCIO^. 
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Figure 2.—Spectrophotometric titration of CH^CofsalenjHgO with 
mercury(II). Absorbances measured in a 2 cm cell at 340 nm. 
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2+ 
ratio of complex to Hg is 1:1. The slope of a spectrophotometric 
titration can be calculated from the known molar absorptivities of 
CH2Co(sa1en)H20 and Co(salen)(H^O)2^ at 340 nm. The initial slope 
of Figure 1 is given by eq 8 where ri is the stoichiometric ratio of 
slope = ntAe[Co]^^^ (8) 
mercury(II) to the methyl cobalt complex, t is the optical pathlength, 
[Co]^g^ is the total concentration of cobalt, and Ae is the difference in 
molar absorptivities of the two cobalt species. Using the appropriate 
numbers one calculates a theoretical slope of 0.564 for a 1:1 stoichiometry. 
The experimental slope is 0.565. 
If CHgCofsalenjHgO is in excess during the titration, the possibility 
arises of the product, CH^Hg^, reacting with more cobalt(III) complex. 
However, the reaction was found to be quite slow in comparison to the 
2+ 
reaction of Hg , so that the absorbance of a solution could be obtained 
after all the mercury(II) had reacted and before any appreciable amount of 
methylmercury(II) had reacted. Nevertheless, some error is present, 
especially near the stoichiometric point where there is a relatively large 
amount of methylmercury(II) formed to react with the remaining 
2+ CH^Co(salen)H20. One solution with a very large ratio of Hg to 
CH^Co(salen)H20 (12.2) was included in this titration to ensure that the 
same stoichiometry was maintained at higher reactant ratios where all of 
the kinetic studies were done. 
Kinetics.—All four methyIcobalt(III) complexes are rapidly de-
alkylated by mercury(II). The reactions were studied with large excesses 
23 
of both perchloric acid and mercury(II) perchlorate compared to the con­
centration of the methylcobalt(III). Under these conditions, the change 
in absorbance followed first order kinetics according to eq 9 where 
is the absorbance at time t and D is the absorbance when the reaction has 
CO 
been completed. It was found that k was independent of the wave-
obs 
length at which the reaction was monitored. 
Since the methylcobalt(III) complex was the minimum reagent in all 
experiments, the first-order change in absorbance is consistent with the 
rate law shown in eq 10 where [Co]^ ^ is the total concentration of the 
^ tot 
methylcobalt(III) complex. The experimentally observed rate constants for 
each complex are listed In Tables VII, VIII, IX, and X. 
The observed rate constants for each complex measured at 1.0 M HCIO^ 
were plotted as a function of initial mercury(II) concentration. It was 
assumed that the mercury(II) concentration remained constant and no correc­
tion has been made for the small percentage (generally 1-5%) which was con­
sumed in the reaction. These plots are shown in Figures Z, 4, 5, and 6. 
The straight lines Intersecting the origin indicate that the reaction is 
first order In mercury(II) as in eq 11. 
1og|D^ - D^l = log|D^ - D^| - k^^^t (9) 
- kobs[C°]tot (10) dt 
^obs = J 
m . . 2+m 
Table  V I I  
Pseudo-F i rs t  Order  Rate  Constants  fo r  
the Reaction of CH^Co(salen)HgO with 
1—
1 
1 
I [Hg2+] 
M X 10^ 
^obs, 
sec 
k , " 
ca 1Ç 
sec 
devi at i on*^ 
7o 
1.00 0. 100 0. 119 0. I4l 18.5 
1.00 0. 200 0. 266 0.283 6.4 
1.00 0.71 1 0.989 1 . 01 2. 1 
1.00 0.711 0.989 1.01 2. I 
1.00 0.711 0.990 1.01 2. 1 
1.00 1.42 2.04 2.01 1.5 
1.00 1.42 2.06 2.01 2.4 
1.00 2. 10 2.95 2.97 0.7 
1.00 2. 28 3.33 3.23 3.0 
1.00 2.83 3.69 4.00 8.4 
1. 00 2.83 3.88 4.00 3. 1 
1.00 4.00 5.63 5.65 0.4 
1.00 5.00 7.20 7.07 1.8 
0.875 2. 28 3.96 3.65 7.6 
0.750 2. 28 4.59 4. 23 7.8 
0.625 2. 28 5.45 5. 00 8.3 
0.500 2. 28 7.05 6. 12 13.2 
0.375 2. 28 8.15 7.90 3.1 
0. 250 2. 28 12.0 11.1 7.5 
0.125 2. 28 19.4 18.8 3. 1 
0.0625 2. 28 27.0 28. 7 6.3 
= 1.00 M 
in Table V-
maintained with LiCIO^; T = 25°; [Co] = 10"5 M. ^Ca1cu1ated from parameters given 
Table VIII 
Pseudo-First Order Rate Constants for 
the Reaction of CH^Co(sa1oph)H20 with 
kobs* b deviation 
M M X 10 sec sec % 
1.03 2.00 0.856 0.892 4.2 
1.0] 4.00 1.65 1.78 7.9 
1.0] 4.00 1.82 1.78 2. 2 
1.0] 5.00 2.55 2.23 12.5 
1.0] 6.00 2.57 2.67 4.9 
1.03 8.00 3.88 3.57 8.0 
1.03 10.00 4.49 4.46 0.7 
1.0] 20.00 8.99 8.92 0.8 
1.0] 40.00 18.4 17.8 3.3 
0.8]0 4.55 2.51 2.44 2.8 
0.700 4.55 3.02 2.72 9.9 
0.6 25 4.00 2.53 2.61 4.7 
0.600 4.55 3.09 3.07 0.6 
0.500 4.55 3.66 3.53 3.6 
0.3 75 4.00 3.67 3.80 3.5 
0.300 4.55 4.82 5.00 3.7 
0.138 4.00 5.60 5.75 2.7 
0.0)4 4.00 9.24 7.74 16. 2 
= 1.00 M maintained with LiClO^; T = 25°; [Co] < 10 ^ M. '^Calculated from parameters given 
in Tabliî V. 
Table  IX  
Pseudo-F i rs t  Order  Rate  Constants  fo r  
2+ 
the Reaction of CH^Co(dimethyl sal en)HgO with Hg 
M 
[Hg2+] 
M X 10^ 
kobs* 
sec-1 
"calc" 
sec 
devi at i on 
% 
1.00 1.00 2.09 2. 21 5-7 
1.0(1 2.00 4.59 4.42 3.7 
I.OCI 4.00 8.96 8.85 1.2 
I.OCI 10.0 22. 1 22. 1 - - -
0.5(1 4.00 16.6 l6.0 3.6 
0. 251 4.00 26.8 27.0 .7 
0.1:5' 4.00 39.8 40.9 2.8 
0.06 25 4.00 56.1 55.2 1. 1 
= 1.00 M 
in Table V. 
maintained with LiClO^^; T = 25°; [Co] 2^ 10"^ M. '^Calculated from parameters given 
Table  X 
Pseudo-F i rs t  Order  Rate  Constants  fo r  
2+ 
the Reaction of CH^Co(dimethylnapsalen)H20 with Hg 
[H+] 
M 
[Hg^"] 
M X 10^ 
kobs* 
sec - 1  
^cajc 
sec" 
devi at i on 
% 
1. OO 0.30 0.903 0.975 8.0 
1. DO 0.91 3. 12 2.96 5.1 
1. DO 1.00 3.57 3.25 6.2 
1. DO 1.40 3.86 4.55 17.8 
1. DO 1.80 6.38 5.85 8.3 
1. DO 2.20 6.34 7.15 12.8 
1. 30 2.61 8.90 8.48 4.7 
0. IS 0.91 3. 10 2.96 4.5 
0. 50 0.91 3.45 2.96 14. 2 
0. 50 4.00 12.6 13.0 3.2 
0. Î75 0.91 3.39 2.96 12.7 
0.250 0.91 2.89 2.96 2.4 
0. 250 1.00 3. 13 3.25 3.8 
0. 250 4.00 12.3 13.0 5.7 
0. >50 6.00 17.8 19.5 9 . 6 c  
0.250 8.00 20.3 26.0 28.1= 
0. >50 10.00 24.4 32.5 33.2r 
0. 188 0.91 2.97 2.95 0.7 
0. 125 0.91 2.95 2.95 0.0 
0.1257 4.00 11.7 13-00 1.0 
0.0625 4.00 13.0 13.00 0.0 
= 1.00 M 
in Tabic V. 
maintained with LiClO^; T = 
''Were not used to calculate 
25°; [Co] < 10"4 M. 
average deviation. 
''calculated from parameters given 
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Figure 3.—The pseudo-first-order rate constant of dealkylation of 
CHgCofsalophjH^O as a function of [Hg^*^] at constant 1.0 M HCIO^. Ionic 
strength is 1.0 M. [Co] < lO'^ M. 
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Figure 4.—The pseudo-first-order rate constant of dealkylation of 
CHgCofdimethylnapsalenjHgO as a function of [Hg^*] at constant 1.0 M 
HCIO/,. Ionic strength is 1.0 M. [Co] < 10 ^ M. 
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Figure 5-—The pseudo-first-order rate constant of dealkylation of 
CHgCotsalenjHgO as a function of [Hg^*] at constant 1.0 M HCIO^. Ionic 
strength is 1.0 M. [Co] < lO"^ M. 
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Figure 6.—The pseudo-first-order rate constant of dealkylation of 
CHgCofdimethylsalenjHgO as a function of [Hg^^] at constant 1.0 M HClO^. 
Ionic strength is 1.0 M. [Col < 10 -
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Acid Dependence.—The rate of demethylation of CHgCofdimethyinap-
salenjHgO was independent of [H*] within the range studied (0.0625 M < 
< 1 .0  M) .  
For the other three complexes, the rate constant, k', proved 
to be an inverse function of [H^] with the order in [H^] varying from 
approximately minus one at high [H*] to zero at low [H*]. For the sake 
of clarity it is useful to anticipate the results and propose a mechanism 
so that an appropriate plot of the data at varying [H^] can be made. If 
eq 12 and 13 constitute the mechanism by which these methyl cobalt(III) 
+ CHgCofLjHgO = CH^Co(LH) (H20)'^ (12) 
CH2Co(L)H20 + Hg^"*"—L CH^Hg* + Col^HgO)* (13) 
complexes undergo dealkylation then the rate law would be 
dt 1 + K[H+] 
(14) 
Therefore k' would be a function of the form 
k' = + • (15) 
[Hg ] 1 + K[H+] 
By appropriate arithmetic manipulations eq l6 can be derived. 
1 = = -i + [H+l 
K„ K, 
fl6) 
Therefore a plot of (k') ^ vs [H^] should be a straight line with a 
slope of K/kg and intercept of l/k^- Figures 7^ 8, 9, and 10 show these 
plots for each of the methylcobalt(III) complexes. The plots give good 
straight lines. Naturally, if the complex is not protonated to an ex­
perimental ly significant extent, the slope of the plot will be zero. Such 
is the case for the dimethylnapsalen complex shown in Figure 10. The ex­
perimental value is zero. Considering experimental uncertainty, the 
protonation constant could not be larger than ca. 0.1 M ^ without an 
acid dependence being detected, thereby setting the upper limit to K for 
this complex. 
For each cobalt complex, all the data were simultaneously fit to eq 
l4 using a nonlinear least squares program.The calculated rate con­
stants using these parameters are listed in the respective tables. 
The average deviations between the calculated rate constant and the experi­
mental value are 6.1% (salen complex), 3.1% (dimethylsalen complex), $.2% 
(saloph complex), and 6.3% (dimethylnapsalen complex). The values of k^ 
and K determined by the least-squares computations are listed in Table XI. 
Decomposition of the Reactants.—The cobalt (III) complexes decompose 
in acid solution, especially in light. When kinetic runs are done with a 
methylcoba1t(III) solution which Is allowed to age, the change in ab-
sorbance gradually becomes smaller indicative of decomposition of the com­
plex. However, the observed rate constants were found not to depend on 
the age of the solution, implying the decomposition products do not affect 
the rate of demethylation. 
Ionic Strength Dependence.--The rate of a reaction between a neutral 
molecule and a charged ion should not show a significant dependence on 
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Figure 7-—Plot suggested by eq l6 for CHgCofdimethylsalenlHgO. 
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Figure 10.—Plot suggested by eq l6 for CH^CofdimethylnapsalenjHgO. 
Table XI 
Kinetic Parameters for the 
Reaction of CH^Co(l)H20 with Mercury (II) 
L 
sec M 1 
ref 
sal en 2.66 X  10^ 17.8 a 
dimethylsalen 2.12 X  lo" 8.57 a 
saloph 2.96 X  10^ 5.64 a 
dimethylnapsalen 3.25 X 10^ <0.10^ a 
bi s(di methylglyoxime) 62 3.5 b 
^This work. ^Reference 8. ^No acid dependence observed. Est imate based on maximum possible 
error. 
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ionic strength. Since the protonation involves a neutral species no 
secondary salt effect is expected to arise from a variation of K with 
ionic strength. As additional proof of the rate law which has been 
formulated, the rate was measured as a function of ionic strength. 
Keeping [Hg^^] and [H^] constant at 5 x 10 ^ M and 5 x 10 ^ M respectively, 
the rate of mercury(II) dealkylation of CH2Co(salen)H20 was measured at 
ionic strengths of 6.5 x 10 1.15 x 10 and 2.15 x 10 ^ M. The 
- 1  - 1  
observed rates were found to be respectively 11.6 sec , 11.9 sec and 
_ ] 
11.0 sec , in good agreement with the predicted lack of variation with 
ionic strength. 
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DISCUSSION 
As previously noted, the kinetics are consistent with a mechanism 
which involves two methyl cobalt(III) complexes differing in their composi­
tion by a proton. This type of behavior is also observed in the cobaloxime 
g 
system. The structure of this protonated cobaloxime is believed to in­
volve the addition of a proton to one of the oxime oxygens as shown in 
structure II shown below. 
\. / 
OH 
C=N 
HjC 
C = N 
/ \ 
HO CH, 
\  / '  N=C 
0 CH, 
'H' 
II 
In the present systems, unlike cobaloxime, several different 
protonation sites are available. It is unlikely that the proton is 
sigma-bonded to an aromatic carbon atom since these atoms are very weak 
bases.Pi interactions of protons with aromatic rings are well sub-
18 
stantiated; however, these also are very weak interactions. The most 
reasonable structures appear to involve the protonation of one of the 
oxygen atoms coordinated to the cobalt ion. It is not possible using the 
techniques available in this laboratory to distinguish unequivocally in 
aqueous solution whether the protonated structure is best represented by 
4l 
the schematic structures III or IV shown below, since they differ only by 
a solvent molecule (only equatorial ligands are shown for clarity). 
H 
H 
H2C CHg HgC CHg 
III IV 
However, the rapid reversible aquation of one of the coordinating atoms 
on the tetradentate ligand surrounding a cobalt(ju) ion has no precedent. 
Furthermore the rigid structure of the ligand would be expected to hinder 
the attack of a water molecule. Hence, structure IV is favored. 
The one trend in the magnitude of the protonation constant appears to 
be that extending the pi system by adding benzene rings decreases the 
basicity of the oxygen atom. Note, for example the change in K. As the 
equatorial ligand is changed from salen to saloph to dimethylnapsalen, 
there is a decrease in the magnitude of K from 17.8 M ^ to $.64 M ^ to 
" 1 less than 0.1 M . A likely explanation for this behavior could be that 
the molecule is stabilized by resonance. The lone pairs on the oxygen 
atom can be delocalized throughout the pi system. As the pi system be­
comes more extended, the resonance stabilization becomes greater and the 
electron density around the oxygen atoms is proportionately less. Since 
the basicity of the oxygen atoms is related to the electron density 
hi 
surrounding them, any increase in delocalization will decrease the 
basicity and hence the protonation constant. A comparison of the pK^'s of 
phenol and p-napthol substantiate this argument. These two compounds are 
analogous to the salen and dimethylnapsalen complexes with respect to the 
aromatic ring structure. The pK^'s for phenol and g-napthol are 9-87 and 
19 4.22 respectively. p-napthol is more acidic than phenol. I.e. the p-
napthoxide ion Is less basic than phenoxide ion, the same type of trend 
observed for salen and dimethylsalen. 
It is not clear why CH2Co(dimethy1sa1en)H20 should be less basic than 
the corresponding salen complex. Based on previous work In organic systems 
the expected inductive effect would act In the opposite direction. Like­
wise steric arguments lack credence owing to the wide separation between 
the oxygen and the methyl groups. We cannot offer an explanation at this 
time for this apparently anamolous ordering of basicity. 
Evidence presented earlier shows that all mercury(II) Induced 
dealkylation of alkyltransition metal complexes reported in the l iterature 
occur via electrophi1Ic attack. The products and bimolecular rate law of 
the reactions of mercury(II) with CH^Co^salenjHgO, CH2Co(dlmethylsa1en)H20, 
CH2Co(sa1oph)H20, and CH^Co(dimethylnapsalen)H20 suggest that these re­
actions are also examples of electrophilie attack. Since all these 
reactions are of the same type, any explanation must explain the observed 
order of reactivity; saloph>salen>dlmethylsalen>dimethylnapsalen»cobaloxime. 
In electrophi1Ic reactions the reactivity of a particular methylco-
balt(III) complex should be related to the electron density surrounding the 
methyl group. This electron density on carbon would in large part be 
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determined by the electron distribution in the cobalt-carbon sigtna bond. 
This sigma bond would be more or less polarized depending upon the effec­
tive charge on the cobalt atom. A high effective charge on cobalt would 
tend to withdraw electrons from the carbon atom; conversely, a low effec­
tive charge on the cobalt would increase the electron density around the 
carbon atom. Any process which would withdraw electrons from the metal 
atom would increase the cobalt's effective charge and thereby withdraw 
electrons from the carbon atom. This decrease in electron density around 
carbon would be reflected in a decrease in the second order rate constant 
for demethylation. Such a process exists in these systems. 
For these low spin cobalt (III) complexes the d electrons on cobalt 
can be considered as occupying the t^^ orbitals. These orbitals have 
the correct symmetry to enter into d%-p% bonding with the organic pi 
systems. For the cobaloxime system some of the resonance structures 
which can be visualized are illustrated below (axial groups on the cobalt 
HJC — C —^N—C — CH, 
/ \  
HJC—C—N N=C—CH3 
I I 
CH,—C=N .N—C —H,C 
\/ 
/ \ 
CH3-C=N N—C—H3C 
are omitted for sake of clarity). The electrons can be delocalized around 
the entire ring. These structures are especially favorable since the 
nitrogen which accepts the electron pair from cobalt would have zero formal 
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charge compared to a charge of +1 in the structure with no cobalt nitro­
gen double bonds. For salen type complexes, the oxygen cannot act as an 
electron acceptor; hence, the resonance structures of the type illustrated 
above are not possible. This decrease in resonance places more electron 
density on the metal which by the above argument increases the rate of 
electrophi1ic substitution. This is in perfect accord with the experi­
mental facts; "salen type" complexes react much faster than methylco-
baloxime. There are other possible resonance structures with "salen type" 
complexes which delocalize the electron density into the benzene ring. 
These can be considered less important than the four structures with elec­
trons on the nitrogen since there would be a net negative charge on the 
carbon atoms unlike on the nitrogen atoms. Nevertheless within a given 
group of ligands where resonance structures involving nitrogen are not 
possible, the number of additional resonance structures involving carbon 
atoms should affect the electron density and, hence, the rate of de-
methylation. Such has been found to be the case. CH^Cofdimethylnapsalen) 
H^O, which would be expected to be the most stabilized by resonance, is 
less reactive to mercury(II) attack than the salen, dimethylsalen, or 
saloph complexes. CH2Co(sa1oph)H20 does not gain any stabilization from 
the benzene ring attached to the two nitrogens since no simple resonance 
structure can place electrons donated by the cobalt into that particular 
benzene ring. This is reflected in a rate of demethylation relatively 
unchanged from the salen complex. 
The spectral data also suggest a stabilization of the t^^ orbitals by 
pi bonding. The first d-d transition of the complexes increases in energy 
45 
in the order saler>-dimethylsalen<saloph<dimethylnapsalen. The correla­
tion is not exact as in the simple valence bond picture the d-d transition 
in the saloph complex would be expected to have the same energy as the 
salen and dimethylsalen transitions. Methylcobaloxime does not and would 
not be expected to fit in this correlation since the field surrounding 
the cobalt is substantially changed with the substitution of two nitro­
gens for the two oxygens. 
A similar correlation of rate of demethylation with the chemical 
shift of the cobalt-bound methyl group should be observed. NMR data 
could not be obtained for CH^CofsalophjHgO or CH2Co(dlmethylnapsalen)H20 
probably owing to their low solubility. However, we did confirm the 
chemical shifts reported in the literature for CH2Co(salen)DMS0 and 
CHgCofdmgjgDMSO (DMSO = dimethylsulfoxide). The chemical shifts for the 
cobalt-bound methyl groups for these two complexes are 7»88 T and 9.3 ? 
20 21 
respectively. ' This is the opposite of what one would expect if 
shielding is a function of electron density. There is not necessarily a 
direct correspondence between the two. Theoretical treatment of chemical 
shift data has proved most profitable when one of several effects dominates 
the remainder. In the field of proton magnetic resonance this is rarely 
true unless the considerations are restricted to the comparison of a 
22 
relatively small number of compounds of closely related structure. It 
is possible that the replacement of atoms surrounding the central cobalt 
atom can change the paramagnetic contribution arising from the unsymmetrlcal 
arrangement of electrons in the complex. This would result in differences 
in chemical shift which do not reflect the electron density around the 
2'i 
methyl group. 
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PART II. THE REACTION OF ALKYLPENTAAQVOCHROMIUM(III) 
WITH THIOCYANATE 
47 
INTRODUCTION 
Ligand substitution reactions in octahedral systems as shown in 
eq 17 can be divided into three general categories depending upon the 
+ Y = MLgY (17) 
24 
mechanism. Langford and Gray have suggested the nomenclature associative 
(A), dissociative (D) or interchange (l) for these mechanisms. 
The associative mechanism (also known as limiting S|^2 mechanism), 
illustrated by eq l8, is characterized by an intermediate which contains 
MLgXHgO) + Y MLgfHgOjY - ML^Y + H^O (l8) 
the metal atom with an expanded coordination number. The rate law for 
anation will be first order in the metal complex, MLg(H20), and first 
order in the entering ligand, Y. 
The dissociative mechanism (also known as the limiting Sj^l mechanism) 
is dominated by bond breaking in the rate-determining step. The mechanism 
shown in eq 19 is characterized by an intermediate containing the metal 
MLgfHgO) MLç + HjO (19a) 
ML. — MLrY (19b) 
3 5 
atom with a reduced coodination number. The form of the rate law can vary 
depending upon the reactivity of the intermediate. However, in principle, 
it should be possible to obtain a rate law that is dependent only upon the 
48 
metal complex, corresponding to the first step in eq 19 being rate-
determining. 
The interchange mechanism consists of a concerted reaction in which 
the entering ligand is moving from the outer coordination sphere to the 
inner coordination sphere of the metal as the leaving ligand moves from 
the inner to the outer coordination sphere, leaving the coordination 
number of the central metal atom unchanged. The rate law is first-order 
in metal complex and first-order in entering ligand. However, the rate 
for an interchange mechanism is generally less sensitive to the nature of 
the entering group and more sensitive to the nature of the leaving group 
than the associative mechanism. Interchange reactions can be further 
categorized by the relative importance of bond-making and bond-breaking 
in the rate-determining step. If bond-making is important as in an A 
mechanism, then the mechanism is designated 1^; if bond-breaking is 
important then the symbol 1^ is used. 
Most organic substitution reactions occur via associative inter­
change mechanisms. This is not true for transition metal substitution 
25 
reactions. Basolo has concluded that with very few possible exceptions 
ligand substitution reactions in octahedral systems occur via interchange 
or dissociative mechanisms. However, bond-making is important in some 
26 
reactions. Langford has shown that for acidopentaamminecobalt(III) 
complexes, the log of the formation constant is a linear function of the 
log of the aquation rate constant. Furthermore the slope of the line is 
nearly 1.0 (0.9). This linear free energy plot suggests that bond-
breaking Is the predominant force, i.e. the complexes react via a 
49 
dissociative interchange. Similar behavior Is noted in the ligand sub-
27 
stitutîon reactions of hexaaquochroniium(III). However, the correlation 
28 is not as marked and Espenson has noted that this implies bond-making 
does play a significant role in the anation reactions of hexaaquochro-
mlum(III). 
Since cobalt(III) ligand substitution appears to involve more bond-
breaking than chromium(III), it is perhaps not surprising that until 
quite recently the only examples of purely dissociative mechanisms In­
volved cobalt(III) not chromlum(III). The first well-substantiated exam-
29 pie of a D mechanism involved a kinetic study by Halm and Wilmarth of 
the substitution reactions of aquopentacyanocobaltate(III). Previous 
attempts to obtain evidence of a dissociative mechanism had been frus­
trated by Ion pairing. A positively charged metal complex can form ion 
pairs with anions In solution. To a first approximation the magnitude of 
the formation constant only depends upon the charges on the cation and 
anion. When such complexes act as intermediates in anation reactions as 
shown in eq 20 and 21 the observed rate constant for rate of approach to 
K , p  
MLgfHzO) + Y ML^fHzOi'Y (20) 
MLg(H20)'Y ^r=à. ML^Y + H^O (21 ) 
- 1  
equilibrium is given by eq 22. This Is also the form (as will be shown 
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k 
obs 
K] + (k; + k_,)K|p[Y] 
1 + K,p[Y] 
(22) 
A + 
1 + 
later) of a dissociative reaction. For this reason it is difficult to 
distinguish between a dissociative mechanism and an interchange mechanism 
which has significant ion pairing. This problem was eliminated by Haim 
and Wilmarth by employing an anionic metal complex which should not form 
ion pairs with entering anions. The rate of approach to equilibrium was 
measured as a function of the entering ligand concentration. The experi­
mental rate had the form {A + B[Y ]}/(1 + C[Y ]). Since ion pairing is 
not expected in this system, Haim and Wilmarth concluded that the reaction 
occurs via a D_ mechanism. The proposed reaction mechanism is 
(23) 
- 1  
2 (24) 
- 2  
The rate constant for the approach to equilibrium of this scheme, assuming 
steady-rate concentration in Co(CN)g^", is given by eq 25. In the limit 
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k,4[Y-] + k_,k_2 
''obs = k.| + kufY-] (25) 
of very high[Y ]the rate determining step should become the rate of 
loss of water from aquopentacyanocobaltate(III). Good confirmation of 
the Haim-WiImarth mechanism comes from the fact that k^ is independent 
of the entering ligand and, furthermore, the magnitude of k^ determined 
by anation experiments (1.6 x 10 ^ sec ^) Is in good agreement with the 
18 **3 •" 1 
water exchange measured directly using 0 (1.3 x 10 sec ). 
Other examples of cobalt(III) complexes which anate via a D 
type mechanism include sulfltopentaammlnecobaït(III)3®, trans-aquosul-
fi totetracyanocobaltate (III)trans-aquosulfitobis (ethylenedi ami ne) 
32 
cobalt(III) and alkylaquo-1,3bis(biacetylmonoximeimino)propanato-
cobalt(111)33 where alkyl = phenyl, methyl, benzyl, ethyl, or n-propyl. 
In all of these examples dissociative behavior has been promoted by 
the addition of ligands which increase the electron density around the 
central metal atom via cf donation. This increase in electron density 
tends to weaken the metal ligand bonds—especially the trans metal-
1i gand bond. 
Since alkyl groups are strong donors it is not surprising that these 
groups have strong labillzing effects. In addition to the alkylcobalt(III) 
cited above, aquoalkylbis(dlmethylglyoximato)cobalt(III) has also been 
found to be extremely labile at the coordination site trans to the alkyl 
•ik 
group-' However, unlike previous examples this compound does not exhibit 
£ type kinetics but follows second-order kinetics up to 0.5 M ligand 
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concentration. The lîgands studied were SON , , Pyr, CN , NH^ and OH . 
The substitution reactions of aIkylchromium(III) complexes have not 
been investigated, perhaps because they are less stable than the alkyl-
cobalt(III) complexes. The first reported synthesis of an alkylchro-
mium(III) compound was by Anet. He initially reported the preparation 
of benzylchromium(III) by oxidizing chromium(II) with benzyl chloride as 
shown in eq 26. The reaction of an organic halide with chromium(II) to 
PhCHgCl + 2Cr2+ —» PhCHzCr^^ + CrCl^^ (26) 
form an organochromium(III) complex is quite general and has been ex­
tended to other aIkyl ha 1 ides to make a variety of aIkylchromium(III) com­
plexes. Simple alkyl chlorides such as methyl chloride or methlene 
chloride do not react with chromous ion but chloroform is reduced in a 
2+36 
few minutes to give CrfCHClg) as shown in eq 11. Subsequent studies 
CHClg + 2Cr^'^ —» CrCHClg^^ + CrCl^* (27) 
37 by Dodd and Johnson have shown that the corresponding bromide (eq 28) is 
CHBr^ + 2Cr2+ —> CrCHBrg^* + CrBr^* (28) 
more reactive. By employing this general method numerous alkyl compounds 
oQ 24. 
have been made including pyridiomethylchromium(III) , CrCHgX and 
CrCHXg^^* (X = CI, Br, l).^? 
The chemistry of these alkylchromium(III) complexes has not been ex-
tens ively studied. Most work has been concerned with the decomposition 
53 
reactions. In aqueous solutions, alkylchromium(III) complexes decompose 
to give hexaquochromium(III) and an organic product which depends upon 
the conditions of the decomposition. If oxygen is present, the organic 
product is generally the organic aldehyde; if oxygen is excluded the 
• 39 
alkane or alkane dimers are the predominant products. For example Kochi 
reports the following reactions of benzyl chromium (III). 
PhCHgCrZ* PhCHO + Cr(III) (29) 
PhCHgCr^^ PhCHgCHgPh + PhCH^ + Cr(III) (30) 
40 4l Similar results have been reported in other systems. ' 
Kinetic studies have been reported for only two alkylchromium(III) 
complexes. Kochi^ has studied the decomposition of benzyl chromium(III) 
under anaerobic conditions employing a variety of supporting electrolytes. 
hi Coombes and Johnson have studied the decomposition of pyridiomethyï-
chromium(III) in the presence of oxygen while Swaddle^^ has studied the 
identical complex under anaerobic conditions. 
Two important observations were reported in those systems which are 
pertinent to this thesis. In the absence of air the decomposition of 
pyridiomethylchromium(III) is retarded by the addition of Cr^^. This can 
be explained by the mechanism 
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PyrCH-Cr^* ç==t. PyrCH,' + Cr^"^ (30 
- 1  
PyrCHg' —^ products (32) 
2+ 3 
Cr ^ products . (33) 
The fact that solutions of aIkylchromium(III) can dissociate into Cr^^ 
and alkyl radicals is relevant to any discussion about reactions of 
alkylchromium(III) since could serve as an intermediate in such re­
actions. 
The second observation led directly to the initiation of the study 
reported here. As previously mentioned Kochi employed a wide variety of 
conditions to study the decomposition of benzylchromium. One of the 
factors varied was the supporting electrolyte. If Nal, LiCI, LiBr or 
LiClO^ were used, the rate of decomposition was essentially unchanged. 
However, if NaSCN were used, the rate increased three-fold. This sug­
gested that SCN was interacting in some way with benzyl chromium. The 
fact that SCN is a much better coordinating Hgand for Cr than I y Br 
or CI suggested that an anation reaction was occurring but at a much 
higher rate than is usual for Cr(III) complexes. 
Since benzylchromium(III) is so unstable toward oxidation, a more 
suitable alkyl complex was sought to study these reactions. Dodd and 
Johnson^^ reported that end ctcbic for days even 
in air. This makes these complexes ideal for observing the anation 
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reactions shown in eq 34 and 35- Preliminary experiments showed 
Cr(H20)^CH2Cl^"^ + SCN" = Cr(H20)^(CH2Cl)(NCS)+ + H^O (34) 
Cr(H20)çCHCl2^"^ + SCN" = Cr (H20)^(CHCl2) (NCS)"^ + HgO (35) 
unmistakably that the aIkylchromium(III) was reacting with thiocyanate at 
a rate much faster than the normal substitution rates of Cr(III). Thus a 
comprehensive study of these reactions was undertaken. The results and 
conclusions are presented here. 
56 
EXPERIMENTAL 
Reagents.—Monochloromethylchromium(III) was made using a variation 
of the method of Dodd and Johnson.A typical procedure is as follows. 
Ten ml of ClCHgBr was placed in a 100 ml volumetric flask and bubbled with 
nitrogen. Approximately 50 ml of 0.1 M Cr^^ (~ 0.2 M in HCIO^) was 
syringed into the flask and the flask stoppered. The immiscible 
liquids were kept well stirred with a magnetic stirring bar. The re­
action appeared to be complete in one hour. At that time the unreacted 
ClCHgBr was removed and the remaining solution was passed through a 
Dowex 50 X 8 resin ion exchange column which was in the form. On the 
column, the solution gave two apparent bands, a lower green one fading 
into a dark band, the latter containing several chromium complexes. 
Elution with 1 M perchloric acid separates these bands into four bands 
corresponding to (in the order of appearance from bottom to top) CrCl^*, 
CrCHgCl^*, Cr^*, and CrgXOHÏg^^. The red CrCHgCI^^ was collected and its 
46 
concentration determined by chromate analysis. 
2+ 
A similar procedure was used to make CrCHCIg using chloroform as 
the oxidizing agent as in eq 27- However, before the product solution 
was placed on the ion exchange column, mercury(II) was added to destroy 
the small amount of CrCH.Cl^* also produced, since mercury(II) reacts with 
2+ 2+ 37 
CrCHgiCl much faster than with CrCHCIg • After ~ 10 min, hydrochloric 
2+ 
acid was added to complex any remaining Hg and the ion exchange separa­
tion was then carried out. 
Th© idAAflflAS Af t*ho Î i im /TTT \ c ma/* î ac 
comparison of the experimentally determined maxima with those reported in 
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the literature. The reported maxima (with the molar absorptivities in 
parentheses) of CrCHgCI^* and CrCHClg^^ are 262 nm (3500 M ^cm 391 
(220), 517 (20) and 265 (2500), 396 (120), 514 (23) respectively.^^ We 
found the following values: CrCHgCl^*-- 265 (3600), 393 (225), 517 (23.4); 
CrCHCIg^* — 266 (4290), 396 (157+4), 514 (38.7 ± 1.0). The position of 
the maxima are in good agreement for both complexes. Although the molar 
absorptîvities for CrCH2Cl^* are in good agreement with literature values, 
there is a significant difference between those reported for CrCHClg^* 
and the values determined in the course of this work. In this study, the 
molar absorptivities were independently checked by two other persons using 
2+ 
independently prepared solutions of CrCHClg • 
Lithium thiocyanate solutions were prepared from potassium thiocyanate 
and an excess of lithium perchlorate. After cooling to ice temperature, 
the KCIO^ was removed by filtration and the solution standardized by 
determining total SON by the Volhard method.'^ Total [Li*] was deter­
mined by passing aliquots through a column of Dowex 5OW-X8 cation resin 
In the form. The resin was rinsed with water and the rinsings were 
titrated with standard sodium hydroxide. In a typical solution [Li*] = 
2.499 M; [SCN ] = 2.344 M. The difference between the two determinations 
gives the total perchlorate concentration. 
Lithium perchlorate was prepared by dissolving reagent grade lithium 
carbonate in a slight excess of 72% perchloric acid. The lithium per­
chlorate precipitated upon reduction of the volume of solution and was 
recrystal1ized. Stock solutions of lithium perchlorate were analyzed 
with ion exchange techniques described above. 
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For the methanol-chromium(III) experiments reagent grade methanol 
was used without further purification. The mercuric nitrate solutions 
were prepared by dissolving 6 g of reagent grade mercuric nitrate 
dihydrate in the appropriate methanol-water solution (~ l60 ml) containing 
-0.1 M HCIO^. 
Induced Solvolysis of CrCHnCl^* and (CHjOHÏCrCHnCI^^-—Acidic solu­
tions ([H*] = ~ 0.1 M) of chloromethylchromium(III) in water-methanol 
solutions were mixed at room temperature with solutions of mercury(II) 
nitrate with the same methanol-water ratio. Identical volumes of the two 
solutions were used; the final volume was ~ 300 ml, and the analytical 
concentration of Cr(III) was 10 ^ to 10 ^ M. The induced solvolysis was 
followed spectrophotometrical1y to ensure complete aquation. The rate 
was noticeably dependent upon the concentration of methanol. For the 
slowest reaction (high methanol) the reaction required approximately 15 
minutes to go to completion. 
After the dealkylation was complete,hydrochloric acid was added to 
complex excess Hg^^ and HgCHgCl* before placing the solutions on ion-
exchange columns. The chromium(III) ions were absorbed on a ion-exchange 
column (Dowex SOW - X8) and washed with 100 ml of 0.1 M HCl followed by 
100 ml of 0.1 M HC10|^. The chromium species were eluted with 4 M HgSO^. 
After 25 ml of eluent had been collected, the column was allowed to stand 
for 3 hours. Then the rest of the chromium species were eluted. It was 
found that 96-100% of the chromium could be collected in 100 ml of eluent. 
The methanol analysis described below was performed using 50 ml of this 
solution and 5 ml aliquots of the remaining solution were used for total 
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chromium determination using the chromate method of analysis. 
Analysis for methanol bound to chromium(III) was made by a method 
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similar to the one developed by Jayne and King. However, some modi­
fications were employed in this study. The procedure for a typical 
analysis is as follows. 
The standard solution of the oxidizing reagent composed of Ce^^ and 
Cr^^ was prepared by dissolving 27.413 g of eerie ammonium nitrate (0.05 
mol) and 4.9037 g of potassium dichromate (O.OI667 mol) in one liter of 
4 N sulfuric acid. With these amounts the total oxidizing normality is 
0.100 N. A 0.025 N iron(II) solution was made by dissolving Fe(SO^)7H2O 
in 4 N sulfuric acid. This solution was standardized each day prior to 
use. 
To analyze for methanol, a 50 ml aliquot containing ~ 0.2 mmol of 
CHgOH was pipetted into a 500-ml flask set in cold water. After cooling 
for several minutes, 15 ml of the oxidizing reagent and 70 ml of 18 M sul­
furic acid was added in such a manner that the final temperature of the 
solution was 80°. The flask was covered and allowed to stand for four hours. 
Then, l40 ml of water was added and the solution allowed to cool in cold water. 
After the temperature of the solution had been lowered to room temper­
ature or below, the excess oxidizing agent was titrated with iron(II) 
using ferroin indicator — an indicator useful for dichromate titrations 
only in highly acidic media (ca. 4-6 M). 
For each individual determination a blank was done using the identi­
cal procedure with no methanol. In general, the blank was no greater 
than 0.00005 equiv. 
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Equilibrium Studies.—One method used to evaluate the equilibrium con­
stant for the reaction was based upon the spectrophotometric analysis of 
solutions containing varying concentrations of SCN . The procedure was 
as follows. Appropriate volumes of stock solutions of LiClO^, HCIO^, 
and LiSCN were measured into a volumetric flask (generally 50 ml size). 
This was allowed to thermostat in a 25° water bath for 20 minutes. Then 
an appropriate amount of monochloromethylchromium was added and the 
volume made up with distilled water. This solution was then allowed to 
thermostat for an additional 5 minutes so that equilibrium could be 
attained. 
The absorbances were obtained using a Gary Model l4 spectrophoto­
meter. The appropriate absorbance blank of CrCHgCl^* with no added 
LiSCN was obtained under identical experimental conditions. These data 
permitted the evaluation of the stability constant according to equations 
given in the Results Section of this thesis. 
An independent determination of the equilibrium constant was afforded 
by determinations based on the data from the rate experiments. In the 
so-called "kinetic" equilibrium studies, pseudo-first-order plots of 
logjo^ - D^l ^ time (O^ is the absorbance at time ^ and D,, is the 
absorbance after the reaction has been completed) were extrapolated to 
zero time to obtain the total change in absorbance for the reaction. The 
total absorbance changes at various [LiSCN] were then plotted according 
to the appropriate equation given in the text. 
Kinetic Experiments.-—Reactions were followed using a Gary Model l4 
recording spectrophotometer. The reaction cell consisted of two 
6l 
compartments both connected to a mixing chamber as shown in Figure 11. 
Approximately equal volumes of liquid were placed in each compartment 
with approximately equal concentrations of acid. After the cell had been 
thermostatted for ten minutes it was inverted three times to mix the 
reactants and placed in the spectrophotometer. Average dead time was 
~ 7 seconds. Preliminary tests using 1 M HCIO^ on one side and distilled 
water on the other side showed no detectable difference in acidity of 
aliquots taken from either side of the cell after mixing. 
The reaction cell was thermostatted at 25° during the reaction by 
circulating water through coils surrounding the water-filled cell holder. 
The infinity absorbance reading decreased slightly over long periods 
of time owing to decomposition of the product. We empirically found a 
wavelength which minimzed this error. It should be emphasized that the 
change in absorbance resulting from the secondary reaction was never 
great and, indeed, since studies showed the reaction was independent of 
wavelength, the precaution was not necessary. 
Treatment of the Data.-—All rate runs were carried out with 
[SCN » CCrR^^]^. The data were analyzed according to eq 36 where 
is the absorbance at time t, D is the initial absorbance and is the 
mm,' Q GO 
absorbance after the reaction was complete. The observed rate constant 
was determined by the slope of a plot of ln|D^ - ^ time. 
The observed rctc ccnstânts Wcfc * i c u c u  cO â u  cyuâLiûn Oi Liic I  orin 
3 cm 
m 
o 
CM 
cvi 
10 cm 
Figure 11.—Reaction cell used for kinetic experiments. 
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k - A[SCN"] + B 
obs ~ 1 + C[SCN-] 13/' 
using a nonlinear least squares program. 
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RESULTS 
Spectra.—The spectrum of each of the two alkylchromium(lll) com-
2+ 2+ plexes, CrCH^Cl and CrCHClg 3 was measured în aqueous 1.0 M HClO^^ 
2+ 
The tabulated molar absorptivities of CrCH2Cl are listed in Table XII 
while the spectrum appears in Figure 12. The corresponding data for 
2+ 
CrCHCl2 appear in Table XlII and Figure 13* 
Also illustrated in Figure 12 is the spectrum of the product of 
the reaction of CrCHgCl^* and SON , Cr(CH2CI)(NCS)^. The molar ab­
sorpti vi ties of this complex are listed in Table XlV. The spectrum 
was obtained by measuring absorbance changes which occurred when 
Li SON was added to a solution of CrCHgCl^*. These absorbance changes 
are related to the difference between the molar absorptivities of 
CrCHgCl^* and CrCHgCl(NCS)* by eq 38 where 
(e ^ - e 2+) 
-n CrCH.Cl(NCS)+ CrCH.Cl 
^ ^^ K[SCN ]. (38) 
l lCrCH^C) 1 + KfSCN ] 
AD is the absorbance increase, K is the equilibrium constant for 
reaction 37 which has been determined independently, l is the optical 
2+ path length, [CrCHgCl ] is the total concentration of the alkyl-
chromium(lil) both complexed and uncomplexed, and e is the molar ab­
sorptivity of the respective complexes- This equation was solved for 
a series of five different thiocyanate concentrations at each wave­
length studied and the difference In molar absorptivities reportea is 
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Table Xll 
Spectrum of CrCHgCI^* 
X \ 
-1^ -1 M cm nm nm 
650 3.42 430 72.8 
640 3.71 420 122 
630 3.99 4l0 177 
620 4.42 400 215 
6l0 4.99 393^ 225 
600 5.85 390 224 
590 6.99 380 204 
580 8.42 370 173 
570 11.1 36of 163 
560 14.3 350 183 
550 17.0 340 228 
540 20.3 330 291 
530 22.4 320 408 
520 23.5 310 603 
517^ 23.7 300 989 
510 23.5 290 1630 
500 21.4 280 2500 
490 18.5 270 3220 
480 15.8 260 3560 0
 0 
1 —
 14.7 250 3170 
460 16.0 240 2480 
450 22.8 236= 2240 
440 39.9 230 2300 
^Aqueous solution. '^Maximum. ^Minimum. 
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Figure 12.—Spectra of CrCHgCI^* and CrCHgC'lNCS)*. 
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Table XIII 
Spectrum of CrCHCIg^^ 
X 
-1^ -1 M cm 
X 
n m n m 
600 6.93 390 157 
590 8.87 380 140 
580 11.3 370 125 
570 15.7 365= 124 
560 20.9 360 128 
550 26.5 350 149 
540 32.5 340 230 
530 37.1 330 379 
520 39.4 320 595 
514b 39.9 310 936 
510 39.7 300 1530 
500 37.1 290 2440 
490 32.6 280 3500 
480 28.2 270 4220 
470^ 26.4 267' 4290 
460 28.4 260 4090 
450 39.0 250 3110 
440 57.7 240 2530 
430 86.4 230 3090 
420 119 ro
 cr
 
3193 
410 147 220 2990 
400 160 215= 2750 
397^ 161 210 2810 
^Aqueous solution. Maximum. ^Minimum. 
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Figure 13.—Spectra of CrCHCIg ' and CrCHClgfNCS)' 
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Table XIV 
Spectrum of CrfCH^ClifNCS)* 
\ 
nm M-^Im-1 
b 
600 39.5 45.4 
580 50.8 59.2 
560 73.7 97.0 
540 109 129 
520 147 171 
500 157 179 
480 138 154 
460 120 136 
440 189 229 
420 462 584 
400 650 865 
380 580 784 
360 696 859 
340 888 1120 
330 930 1220 
^ ^CrCH^Cl (NCS)"^ " ^CrCHgCI 
'^Calculated by the equation e = 
2+; average of five 
GcrCH2Cl2+ + AEo" 
determinations. 
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the average of those five determinations. The concentrations of 
thiocyanate were chosen such that between 20 and 60% of the alkyl-
chromium(lll) was in the complexed form. Since the molar absorptivity 
of CrCHgCl^* is known independently, the absorptivities of the thio­
cyanate complex can be calculated. 
A less precise method was used in determining the spectrum of 
CrfCHClgjfNCS)* shown in Figure 13* A known amount of CrCHClg^^ was 
added to a 1.6 M lithium thiocyanate. An apparent molar absorptivity 
was obtained which was subsequently corrected upward by 4%, to allow 
2+ for the uncomplexed CrCHClg • The correction was based on the experi­
mentally determined equilibrium constant (12.1 M ^) and the known 
2+ 
molar absorptivity of CrCHClg • The molar absorptivities are listed 
in Table XV. 
The low energy maxima of the thiocyanate complexes are shifted to 
higher energies from the aquo-alkylchromium(lll) complexes. These 
maxima for Cr (CH^Cl ) (NCS)"*^ and Cr (CHCl^) (NCS)* occur at 500 nm and 
510 nm respectively. 
Stoichiometry.—The spectrum of a solution of 0.001 M CrCHgCI^* 
2+ 
or 0.001 M CrCHClg changes as lithium thiocyanate is varied from 
0.01 to 1.0 M. This behavior implies that the alkylchromium(lll) is 
in equilibrium with a complex containing at least one thiocyanate as 
shown in eq 39* Although equilibrium studies reported 
CrCHgCl^* + JSCN" = CrCHzClfNCS).^"^ (39) 
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Table XV 
.a 
Spectrum of CrfCHCIgïfNCS) 
K 
nm 
-]^ -I M cm 
X 
n m 
600 38.9 470 134 
590 49.0 460 119 
580 60.8 450 127 
570 75.3 440 167 
560 97.2 430 234 
550 124 420 311 
540 152 410 381 
530 179 400 426 
520 203 390 455 
510 210 380 501 
500 209 370 615 
490 191 358 873 
480 163 
^Measured in 1.6 M SCN and corrected for uncomplexed CrCHCl2^^ using K 
given in text. 
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later are consistent only with j = 1, it is desirable to obtain an 
independent confirmation that one and only one ligand is entering the 
first coordination sphere of the chromium(lll) ion. 
The products could not be isolated as solids, nor could they be 
obtained in solution free of thiocyanate due to the high lability of 
aIkylchromium(ill). Therefore the stoichiometry of the reaction of 
2+ " CrR with SON could not be studied directly. However, the stoichi­
ometry of a related reaction of CrCHgCI^* with CH^OH shown in eq 40 
could be studied using the method developed by Ferraris 
and King in their study of mercury(ll)-induced aquation of halo-
chromium(lll) in water-methanol solutions. The concept of the experi­
ment is embodied in the following reaction scheme. 
CrCHgCl^* + CHgOH = CrCHgCl(CH^OH) (40) 
48 
HgCHgCl* + Cr(H20)g^'*' (CH^0H)Cr(H20)^^'^ + HgCHgCI* 
(HjOj^Cr^"" iH20)^CrCH^0^?'*' (CHgOHjgCrfHgO)^^* 
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When methanol is added to a solution of CrCH^Cl , the equili­
brium is established via reaction I and -1. When mercury(ll) is 
added, the alkyl groups are removed forming five coordinate inter­
mediates via reactions 2 and 5- The five coordinate intermediates 
can then react with either a water molecule (reactions 3 or 6) or a 
methanol molecule (reactions 4 and 7)* Given these reactions, in the 
limit of high methanol, first the equilibrium (1,-1) will be saturated 
and second, the five coordinate intermediate will reaction predomi­
nately via reaction 7- Thus the average number of methanol molecules 
per chromium atom In the collection of all chromium products (Cr^*, 
CrCHgOH^*, designated as ïï, should be a function of mole 
fraction methanol (Z) which approaches 2.0 in the limit of high 
methanol as can be seen by the following equations. 
- Total [Methanol] in Crflll) products 
(cr(nLj , . , ,r 
[Cr(CH_0H)3*] + 2[Cr(CH,0H)_3+] 
n = —2 1 i t 
[Cr^+l + [CrfCHgOH)^*] + 
If more than one methanol were coordinated to the chromium(lll) 
by reactions not shown In the reaction scheme, then n would be higher 
than 2.0. Were no methanol coordinated prior to dealkylation by 
mercury(ix), then n would approach 1.0 as in the case of halo-
I im /t TT \ TU a TT t —I—— 
—... ^.... \ / ' !»•-<«» ti wwwii W.» w « ^ w III aw I u u I ww i i c u • 11 » 11 y 
various concentrations of methanol. The results are listed In Table XVl-
Table XVI 
a 
Average Value of n" 
in Methanol-Water Solutions 
7b 
Comp1 ex 
/ 
0 0.28 0.46 0.64 0.87 
CrCHgCl 0.03 0.86 1.40 1.65 1.90 
CrBr:+' 
-- 0.199 0.330 0.465 0.71 
^ îs dsfîned as the average number of bound methanol molecules per chromium atom; room temperature; 
[HCIO^] ~ 0.1 M. = mole fraction of methanol considering only solvent components. ^Reference 48. 
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48 Included in this table are the results of Ferraris and King's work 
with CrBr^* for comparison. The values of n listed in Table XVI 
are plotted mole fraction methanol in Figure 14. Provided that 
the curve remains smooth in the experimentally inaccessible region of 
Z > 087, the limit of n appears to be 2.0. 
Recovery of Reactants.—As a check to insure that there are no 
2+ 
irreversible steps in the reaction of CrCHgCl and SCN , an experi-
2+ 
ment was performed to show that CrCH2Cl could be recovered from the 
equilibrium solution. A reaction was carried out with a known con-
2+ 
centration of CrCHgCl at 1.17 M SCN . At this concentration of 
thiocyanate, 93% of the CrCHgCl^* is in the complexed form. The re­
action solution was placed on a column of cation exchange resin, 
Dowex 50W-X8. Thiocyanate was rinsed off with distilled water; re­
versal of the reaction caused the release of coordinated SCN . After 
this, the CrCHgCl^* complex remaining on the column was eluted as 
quantitatively as possible with 1.0 M perchloric acid. The concen­
tration of the eluted chromium complex was determined spectrophoto-
metrically at 393 nm. The recovery was 86%. This result suggests 
that the complexatlon is a reversible reaction but the possibility of 
partial decomposition on the resin column cannot be eliminated since 
2+ 
14% of the CrCHgCl Is unaccounted for. 
Equi1Ibrium Studies.—For a reaction which proceeds according to 
eq 41, the total change In absorbance between 
CrR^+ + SCN" = CrR(NCS)* (41) 
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Figure 14.—n as a function of mole fraction methanol, o = 
this work; A = CrBr^*,  Reference 48. 
CrCHgCI^*; 
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a solution of CrR^* before the addition of thiocyanate and the 
solution after equilibrium has been obtained is related to the equili­
brium constant of the system. There are two generally recognized 
methods for measuring this change in absorbance. In the first method 
the change in absorbance is obtained by measuring the absorbances of 
solutions containing known concentrations of thiocyanate and CrR^*. 
2+ Then the absorbance of a like amount of CrR with no added thio­
cyanate is subtracted to obtain the static absorbance change, 
The second method determines the change in absorbance by extrapolating 
absorbance traces of kinetic runs back to zero time (or the more 
accurate equivalent of taking the antilog of the zero time intercept 
of a first-order plot of log|D^-D j ^ time). This gives the kinetic 
absorbance change designated AD^. 
Given a system described by eq 40 it can be shown that is 
related to the equilibrium constant, K, by eq 42 and 43 where is 
24* + 
the difference in molar absorptivity of CrR and CrR(NCS) , 
(43) 
^CrR(NCS)* ' CcrR2+' ' s the optical path length. 
If I and [CrR^*]^_^ are equal for a series of measurements, then 
eq 44 can be derived where aDQ is the change In absorbance expected 
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—^— = -K^D + AD^K (44) 
[SCN"] 
if all the CrR^"*" were complexed. This equation was used to plot 
some of the data rather than eq 43. 
In the present investigation both values, ^0^ and were 
measured for CrCHgCl^* as a function of added thiocyanate and both 
gave Identical results. was measured as a function of added 
thiocyanate at four different wavelengths; 351, 470, 500, and 550 nm. 
The data listed in Table XVII are plotted according to eq 44 in 
Figure 15- Least-squares fits of the data give the following values 
for K; 11.5, 11.8, 12.0, and 11.7 M ' at each of the respective wave­
lengths. 
AD|^ was measured as a function of added thiocyanate at only one 
wavelength, 351 nm. The data listed in Table XVm obey eq 43 as 
evidenced by the linearity of the plot shown in Figure 16. A least-
squares fit of the data gives the following parameters: K^pp = 11.6 M 
and Ae^ = 446 M 'cm The average deviation between experimental and 
calculated values for aD is 3*8% with no noticeable trend in the 
error. 
2+ 
Only aD |^ was measured for the CrCHClg system. The results 
listed in Table XlX obey eq 43 and give the least-squares parameters 
of 12.1 M ' and 638 M 'cm ' for K^pp and respectively. The data 
are plotted in Figure 17. Again the fit was good with the average 
deviation being 4.5%. 
Table XVII 
Absorbances of Various Equil ibrium Solutions of 
Lithium Thiocyanate and CrCHgCI^* at Different Wavelengths^ 
Li[SCN] 
M X 10^ 
CrCH^Cl^"^ 
M X 10^ 
AOs" 
X=351 
AOs' 
\=470 
A-s' 
\=500 
AOs' 
X=550 
2. 19 2.26 0.411 0.251 0.334 0.204 
3.76 2.26 0.610 0.379 0.510 0.315 
5.85 2.26 0.803 0.508 0.679 0.421 
8.77 2. 26 0.966 0.603 0.816 0.503 
13.22 2.26 1.178 0.740 1.007 0.611 
20.5 2.26 1.408 0.902 1.232 0.745 
35.1 2.26 1.678 1. 102 1.525 0.913 
is defined 
like solution of 
as the difference 
C r C H g C l w i  t h  n o  
i n absorbance 
added LiSCN. 
of a solution of CrCH 
^2 cm pathlength. ^ 
2+ gC1 containing 
10 cm pathlength. 
LiSCN and a 
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Figure 15.--Equilibrium data for the reaction of CrCHgCI^* and SCN" 
plotted according to eq 44. x, X = 550 nmj o, X = 470 nm; A, X = 500 nm; 
X r: 351 nm. 
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Table XVIII 
Equilibrium Studies of the 
Reaction of CrCHgCI^* with SCN 
[SCN"] 
M X 10^ 
[CRCHPCL^*] 
k M X 10 obs^ calc^ 
û€ g 
[SCN"] 
60.0 3.33 1.320 1.246 4l4 690 
40.0 3.33 1.210 1.117 380 949 
20.0 3.33 0.978 0.995 307 1530 
10.0 3.33 0.753 0.765 236 2360 
8.00 3.31 0.617 0.681 195 2430 
6.00 3.31 0.548 0.581 173 2880 
4.00 3.31 0.421 0.448 133 3320 
2.00 2.96 0.240 0.238 84.7 4240 
1.60 2.96 0.197 0.198 69.5 4350 
1.60 5.56 0.374 0.372 70.3 4390 
1.00 2.96 0.142 0.131 50.1 5010 
1.00 5.56 0.250 0.247 47.0 4700 
0.60 5.56 0.169 0.155 31.8 5290 
0.40 2.96 0.0551 0.0561 19.5 4860 
= 350.7 nm; 11 = 1.0 M maintained with LiCIO^^ [HCIO^] = 0.2 M; 25°, 
Change in absorbance obtained by extrapolating rate data to zero time; 
optical pathlength is 9.57 cm. ^Average deviation is 3'8%. 
4.0 lO 
g 
X 
'z 3.0 
o (O 
2.0 
1.0 
100 200 300 
A. 
Figure l6.—Equilibrium data for the reaction of CrCH^Cl^^ and SCN" plotted according to eq 4]. 
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Table XIX 
Equilibrium Studies of the 
Reaction of CrCHClg^* with SCN 
[SCN"] 
M X 10^ 
[CrCHCl, ]  
M X 10 obs calc^ 
Ae Ac 
[SCN"] 
75.0 2.00 1.15 1.10 600 800 
60.0 1.69 0.956 0.908 591 985 
50.0 1.63 0.911 0.854 584 1170 
40.0 2.11 1.03 1.07 510 1280 
40.0 2.00 0.885'^ 1.01 462 1160 
20.0 2.11 0.894 0.912 443 2230 
15.0 1.63 0.591 0.642 379 2530 
10.0 2.11 0.705 0.706 349 3490 
5.0 4.16 0.910 0.958 229 4580 
2.5 4.16 0.583 0.590 146 5840 
1.0 4.10 0.295 0.270 71.2 7120 
= 358 nm; jit = 1.0 M maintained with LiCIO^^ [HCIO^] = 0.2 M; 25°. 
Change in absorbance obtained by extrapolating rate data to zero time; 
optical pathlength is 9.57 cm. ''Calculated using parameters given in 
text; average deviation is 4.5%. ^Excluded in computing least squares 
parameters. 
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Figure 17.—Equilibrium data for the reaction of urCHCIg^* and SCN 
plotted according to eq 43. 
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Ion Pairing.—The fact that aD^ and both give identical 
results suggests that there is no prior equilibria involving thio-
cyanate. To ensure against the possibility that this is a result of 
identical molar absorptivities rather than lack of equilibria, the 
initial absorbance reading of a reaction solution was measured at 
300 nm. The absorbance was identical with the absorbance of an alkyl-
chromium(lll) solution with no added thiocyanate. Were ion pairing 
significant, a difference in absorbance would be expected since the 
spectra of ion pairs generally differ significantly from the spectra 
of the ions themselves in this region. 
Kinetic Studies.—With thiocyanate in large excess compared to 
the alkylchromium(lll) complex the reaction followed the first-order 
rate law shown in eq 45- From the slopes of the plots of 
InlD^ - D I = InlD - D | - k . t (45) It 001 I O 00 < obs 
1n|D^- D^l ^ time, values of k^^^ were calculated for each run. 
Since the alkylchromium(lll) was the limiting reagent, eq 45 is con­
sistent with a rate law of the form where is the reactant 
s t to/ l  
(46) 
concentration at time t and is its equilibrium concentra­
tion. The quantity -d/dt{iCrR" "^^tot^^ commonly referred 
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If.Q 
to as the rate of approach to equilibrium. It can be shown that the 
observed rate constant for an approach to equilibrium is the sum of 
the forward and reverse rate constants. The values of this observed 
rate constant, for both CrCH^Cl^* and CrCHCl2^* at different 
thiocyanate concentrations are listed in Tables XX and XXI respectively. 
The observed rate constant is not a simple function of the thiocyanate 
concentration. The order in thiocyanate varied from zero at low thio­
cyanate to approximately one at intermediate concentrations and then 
fell to zero again in the limit of high thiocyanate. 
To reduce the complexity of this equilibrium system it proved 
useful to separate the observed rate constant into its two component 
parts, the forward rate constant and the reverse rate constant k^. 
These individual rate constants could then be analyzed separately to 
obtain the form of the rate law. 
For an equilibrium system for which the equilibrium constant is 
known, the forward rate constant, k^, can be obtained from the observed 
rate by eq hj. Likewise the reverse rate constant, k^, also can be 
kf - kobs/l I +(K[NCS"])"'] (47) 
obtained using eq 48. Eq 47 and 48 are true regardless of mechanism 
l<r = + K[NCS']) (48) 
or complexity of the rate law. These derived rate constants, anH 
k^, were calculated in the present system with the following results. 
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Table XX 
Rate Constants (sec ^ x 10^) 
for the Reaction of CrCHgCI^^ with SCN 
[H+]b [SCN]b k . 
obs kf kr k ^ calc deviation^ 
2.00 8.00 9.25 8.33 0.92 9.08 1.8 
2.00 7.68 8.25 7.41 0.58 8.93 8.2 
2.00 6.40 8.35 7.35 1.00 8.26 1.0 
2.00 6.00 7.47 6.54 0.93 8.00 7.1 
2.31 5.00 7.19 6.13 1.06 7.35 2.2 
2.00 if. 00 6.43 5.29 1.14 6.57 2.2 
2.31 3.20 6.36 5.00 1.36 5.86 7.9 
2.00 2.00 4.68 3.27 1.4l 4.61 1.5 
2.00 1.60 4.46 2.90 1.56 4.11 7.8 
2.00 1.00 3.28 1.76 1.52 3.31 0.9 
2.00 0.800 2.90 1.40 1.50 3.01 3.3 
5.00 1.00 3.23 1.73 1.50 3.31 2.5 
9.00 1.00 3.04 1.63 1.41 3.31 8.9 
= 1.0 M maintained with LiClO^^; [SCN > 10 [CrCHClg^^]' x 10. 
^Calculated from parameters in Table XXII. ^Per cent. 
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Table XXI 
Rate Constants (sec ^ x 10^) 
for the Reaction of CrCHClg^* with SCN 
1—
1 
1 
1 cr
 
1 
1 
CO
 
o
 
z
 
f
t
 
1 cr
 
^obs kf k r k .  calc devi ation^ 
2.00 7.50 2.52 2.30 0.224 2.55 1.1 
2.00 6.00 2.40 2.14 0.260 2.33 2.9 
2.00 5.00 2.28 1.99 0.290 2.15 5.7 
2.00 4.00 1.76 1.49 0.272 1.93 9.7 
2.00 4.00 1.91 1.62 0.290 1.93 1 . 0  
2.00 2.00 1.43 1.05 0.380 1.36 4.9 
2.00 1.50 1.20 0.807 0.393 1 . 1 9  0.8 
2.00 1.00 0.969 0.560 0.409 0.985 1 . 7  
= 1.0 M maintained with LiClO^; [SCN ]^> 10 [CrCHCIg^*]. x 10. 
^Calculated from parameters in Table XXlI. ^Per cent. 
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The forward rate constant was analyzed first. The order in 
thiocyanate was not constant but varied between 1.0 and zero. This 
suggests a form shown in eq 49. A test of this form would be a plot 
k, = A[NCS ]— (49) 
^ 1 + C[NCS"] 
of (k^) ' [SCN ] ' which should be a straight line with a slope of 
(A) ' and intercept of (C/A). The appropriate plots for the 
CrCH2Cl^*—SCN system and the CrCHClg^*—SCN system are shown in 
Figures 18 and 19- The plots give good straight lines. 
By dividing eq 47 by eq 48, eq 50 can be derived. Since 
k. 
T— = K[SCN ] (50) 
k^ = A[SCN ]/[1 + C[SCN ]], it can be shown using eq 50 that k^ must 
necessarily have a form shown in eq 51 where B = (A/K). To test 
— (51) 
I + C[SCN ] 
this hypothesis, (k^) ^ was plotted as a function of [SCN ]• This 
should give a straight line with a slope of (C/B) and an intercept of 
— I B • Figures 20 and 21 show these plots. 
Sy cxcmînf-g cq zr.d 51 one car; eetebl-sh thet they fA nnt 
independent. The quantity C is common to both equations. Original 
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Figure l8.—CrCH2C1kinetic data for the apparent forward reaction 
plotted to test eq 49. 
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[SCN-]-' (M"l) 
Figure 19«-"CrCHCl2^^ kinetic data for the apparent forward reaction 
plotted to test eq 49. 
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Figure 20. —-CrCH2Clkinetic data for the apparent reverse reaction 
plotted to test eq 51• 
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Figure 21.---CrCHClkinetic data for the apparent reverse reaction 
plotted to test eq 51 • 
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plots of the type shown in Figures 18 and 20 gave slightly different 
2+ -1 
values for C for the CrCH^Cl —SCN system (1.30 M in eq 49 and 
1.15 M ' in eq 51)' To obtain the best fit of the data eq 49 and 51 
were combined to give eq 52. The observed rate constants for both 
2+ 2+ CrCHgCl and CrCHClg systems were fitted to eq 18 to obtain the 
best fit of the data with the ratio (A/B) held constant at 11.6 M 
The values for A, B, and C for the two systems are given in Table XXII-
The lines in Figures iSj l9j 20 and 21 are drawn according to these 
values. The calculated rate constants using these parameters are 
given in the respective tables of observed rate constants. The 
average percent deviations between calculated and observed rate con­
stants were 4.0 (CrCHgCl^*) and 3-5 (CrCHCl2^^)' 
Kinetic Runs at Low Thiocyanate.—After the rate law had been 
determined, studies were attempted at low thiocyanate to extend the 
concentration range of the excess reagent, ^he results are listed in 
Table XXJII. These runs begin to deviate significantly from eq I8j the 
rates being lower than expected. Although no definite explanation 
can be made of this deviation, two sources of error seem possible. 
The decomposition of products which was insignificant at higher con­
centrations where the rate was relatively high may become important at 
low thiocyanate. If the mechanism Involves a steady-state inter­
mediate, low thiocyanate may lead to a build-up of intermediate leading 
to progressively poorer kinetics. 
Table XXII 
Rate Constants for the 
Reaction of CrR^"*" with SCN 
CrCHgCI 
2+ CrCHCl 2+ 
A 
B 
C 
0.198 sec ' M ' 
0.0171 sec 
1. 17 M"' 
- 1  
0.0610 sec"'M"' 
0.00504 sec"^ 
1.31 
^Obtainad from a least-squares fit of eq 20 with data obtained with [SCN ] > 0.O8 M. ^Average 
deviation is 4.5% considering data used in least-squares determination. ^Average deviation is 
3.5% considering data used in least-squares determination. 
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Table XXIII 
Kinetic Runs at Low Thiocyanate^ 
Complex [H+] 
M X 10 
CSCN"] 
M X 10^ 
^bbs 
sec'1 X 10^ 
CRCHJICL^* 2.00 6.00 2.40 
2.00 4.00 2.10 
2.00 2.00 1.73 
2.00 1.60 1.55 
2.00 1.50 1.54 
2.00 
O
 
o
 1.40 
2.00 0.600 1.16 
2.00 0.500 1.23 
2.00 0.400 1.18 
2.00 0.200 1.19 
2.00 0.200^ 1.22 
2.00 0
 
0
 
0
 
cr
 
1.10 
CRCHCIG^* 2.00 5.00 0.510 
2.00 2.50 0.339 
2.00 1.00 0.278 
= 1.0 M maintained with LiClO^. '^Dilution experiment. 
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TWO of the rate constants reported in Table XXIII were obtained 
by diluting an equilibrium mixture and observing the re-equilibration. 
The initial thiocyanate concentration was 0.188 M before the dilution 
to a lower value. 
[H^] Dependence.—The [H"*"] was varied in three experiments while 
the [SCN ] was held constant at 0.1 M. The results are listed in 
Table XX and are plotted in Figure 22. The observed rate constants 
varied by only 6% when the [H"*"] was varied between 0.2 M and 0.9 M. 
Such a small variation is within experimental error considering the 
change in medium. The reaction can be considered essentially inde­
pendent of [H^] within the acid range studied. 
2+ 3+ 
Effect of Cr .—Chromium(n) (prepared by the reduction of Cr 
with zinc amalgam ) was added to a reaction solution from which oxygen 
had been excluded by bubbling with a stream of nitrogen. No retarda-
2+ 
tion of the rate was observed with concentrations of Cr up to 
0.01 M. 
2+ 
HF Reaction.—HF reacts with CrCHgCl to form a fluoro sub­
stituted complex. However^ in 0.2 M acid the equilibrium is un­
favorable and high concentrations of HF are needed to form appreciable 
amounts of the product. This results in a peculiar situation. The 
predominant species in solution are HF, CrCHgCl^*, CrtCHgCljF*, and 
H . The concentration of fluoride ion is very small (10 M) and 
can be neglected for any equilibrium measurements. However, the 
fluoride ion may very well be trie resciive 'yriii sO uiôL i L î 5 imporcârit 
to either know the fluoride concentration or keep it constant 
0.03 
tn 
CD 
O 0.02 
0.01 
Figure 11.— o f  t h e  r e a c t i o n  b e t w e e n  C r C H g C I ^ ^  a n d  S C N "  a s  a  f u n c t i o n  o f  [ H ^ ] .  
[Hi 
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relative to the HF concentration. For solutions containing high 
concentrations of HF a further equilibrium between HF and F to form 
HFg is known to be important (K = 3.9 M ' at 0.53 M ionic strength). 
Presuming that HFg has a different reactivity than F , this equilibrium 
would be reflected in the rate of anation of CrCH^Cl^^- Since the rate 
law for anation Is expected to exhibit complicated kinetics anyway^ we 
felt that any attempts to characterize the mechanism with this added 
equilibrium were ambiguous at best and more probably impossible. 
Therefore, only a very limited number of kinetic runs were done 
and no attempt was made to analyze the kinetic data. 
The equilibrium constant was obtained from the data listed in 
Table XXIV. For reasons cited above the data should give a good 
equilibrium constant for the reaction. The least-squares fit of the 
HF + CrCH^Cl^"^ = H* + CrfCHgCljF* (53) 
ADg to eq 43 for the reaction of HF with CrCH^Cl^^ gave K = 0-32 
and = 56.8 M 'cm ' with [H ] kept constant at 0.2 M. The cal­
culated ADg using these parameters were In good agreement with the 
observed values with an average deviation of 2%. 
Table XXIV 
Kinetic and Equilibrium Results of the 
Reaction of Monochlorochromiurn(III) with Hydrofluoric Acid^ 
[HF] 
M X 10 
[CrCHgCI^'*'] 
M X 10^ exp ^  calc^ lo2 
2, CO 2.33 0. 244 0.249 1.19 
4. CO 2.33 0.411 0.402 1.60 
5.75 2.33 0.473 0.494 1.79 
8. C O 2-2) 0. ^ 80 0. 581 2. 27 
3.81 2.33 0.382 0,390 1.71 
= 1.0 M 
parame;ters 
maintained with LiClO^^; 
given in text ; average 
[HCIO^] = 0.2 M. 
deviation is 2%. 
5 cm; X  ~  350.7 nm. ""Calculated using 
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DISCUSSION 
The stoichiometry studies with methanol tend to confirm that 
CrCH2Cl^^ reacts with methanol to form a 1:1 complex. It is perhaps 
appropriate to comment at this time on the shape of the curve in Figure 
14. The shape of the curve is a function of the rate constants shown in 
the reaction scheme on p 72. However individual rate constants or the 
equilibrium constant cannot be obtained from the data at hand owing to 
changes in activity of the ions as the solvent is changed from pure water 
to very concentrated solutions of methanol. Nevertheless, it may be 
worthwhile to point out that the shape of the curve is consistent with, 
if not proof of, the proposed reaction scheme. The scheme proposes that 
an equilibrium (reactions 1 and -l) is being saturated. Since n is a 
function of the saturation of an equilibrium it would be expected to 
change rapidly initially as methanol is added but gradually become insen­
sitive to further increases of methanol. Graphically, this is manifested 
in a "flattening out" of a plot of n [CH^OH]. This is the type of 
2+ 
behavior exhibited in the CrCHgCl — CH^OH system. 
The question must be considered whether the existence of the species 
Cr (H20)2^(CHgOH) (CHgCl)^^ is sufficient evidence to suggest the existence 
of Cr(H20)2^(SCN)(CHgCl)^. It might be argued that the formation constants 
for the methanol complexes are such that although only one methanol 
coordinates to the chromium(III), the more strongly coordinating 
thiocyanate ligand will form the more highly substituted complexes. Al­
though no ûirect evidence can be cited to refute this argument, the data 
1+7 
of Jayne and King tend to support the argument that the mono-substituted 
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complex is the result of kinetic control rather than thermodynamic con­
trol. They report that the equilibrium constant for the formation of the 
di-substituted methanol complex of Cr^* in methanol-water solution is 
only a factor of 2 less than the equilibrium constant for the formation 
of the mono-substituted complex. Provided the same relative stability 
is true for CrR^^- methanol complexes one would expect a large fraction 
of the complex to exist as the di-methanol product and higher complexes 
were all the positions of CrfHgOïgCHgCl^^ subject to rapid substitution. 
At high mole fraction of methanol, this would result in an n of greater 
than 2. The fact that n does not exceed 2 suggests that the substitution 
product isolated is the result of only one coordination site on 
chromium(III) being labilized. if this analysis is correct, then on the 
time scale of this experiment, only one thiocyanate can coordinate to the 
metal regardless of the thermodynamic stability of the more highly sub­
stituted complexes. 
The structure of the product has not been definitely established. 
It was not possible to obtain data which would give more structural infor­
mation than the electronic spectrum. However, without evidence to the 
contrary the trans structure is the preferred configuration. The most 
compelling reason to suggest a trans structure is that only one coordina­
tion site on the chromium(III) is labilized. There is no reason that 
only one ci s position should be labilized. One would expect all four 
positions to be labilized. To be sure, the second anation should be some­
what slower due to a coulombic effect hut still exn^rimentaiiy observable. 
The fact that only one product is formed with only one ligand added 
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suggests that cis activation is not occurring. Moore, Basolo, and Pearson^^ 
have used a similar argument to suggest trans activation in water exchange 
reactions of CrtHgO)^!^*. In this example, one water exchanged much 
faster than the other four. 
Since thiocyanate is an ambident ion, both S- and N- bonded struc-
52 tures are possible. Both thiocyanatopentaaquo- and isothiocyanato-
pentaaquochromium(III)^^ have been reported. The S—bonded structure has 
a maximum shifted to lower energy compared to hexaaquochromium(III) while 
the N- bonded complex has a maximum at higher energy than hexaaquochrom-
ium(III). The shift of the absorbance maximum to higher energy caused by 
the complexation of thiocyanate in the present system suggests that the 
most stable isomer of CrR(NCS)* is N- bonded. 
Kinetics and Mechanism.—The initial observation concerning the alkyl 
complexes is that they are extremely labile compared to other chromium(III) 
- 2 + 6  
complexes. For example at 0.1 M SCN , CrCHgCl reacts 10 times faster 
than does CrfHgO)^^*' The comparison can be made only at a given [SCN ] 
since the rate law for the anation of has a different form. 
The mechanism for the reactions of CrCHgCl^* and CrCHCIg^^ cannot be 
unambiguously assigned. As stated in the introduction, any reaction 
which has an [(A[SCN ] + B)/(l + C[SCN ])] form of the rate law is subject 
to two alternate interpretations — an ion pairing mechanism or a steady-
state intermediate mechanism. Each of these mechanisms will be discussed 
in terms of the present reaction. 
If one chooses to assign an ion oairina mechanism to the reaction of 
CrR^* with SCN then eq $4 and 55 are the reaction scheme. The pseudo-
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CrR^"^ + SCN' CrR^*'SCN" (54) 
CrR^^'SCN" ^ CrR(NCS)+ (55) 
- 1  
first-order rate constant for the approach to equilibrium would have a 
form shown in eq 56 (see Appendix for derivation). 
_ (k, + k.,)K,p[SCN-] + k_, 
I + K|p[SCN'] 
Equating the experimentally determined parameters. A, B and C, with the 
proper quantities in this mechanism one can calculate the values for 
k_^ and Kjp for the CrCHgCI^* complex. The respective values are 0.181 
-1  -1  -1  2+ 
sec , 0.0171 sec and 1.17 M . The calculated values for CrCHClg are 
0.0560 sec % 0.00504 sec ' and I.3I M ^. 
The alternate mechanism can be described by eq 57 and 58.  In this 
CrR^"^ ^ CrR^"^* (57) 
- 2  
CrR2+* + SCN" CrR(SCN)+ (58)  
-3 
2+'V 
scheme, CrR represents a steady state intermediate whose structure is 
not known. The observed rate constant for the approach to equilibrium is 
given by eq 59 (see Appendix for derivation). From eq 59 and the 
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k k 
'-3 " id':'':'' ] 
k.bs = —c—r 
1 + -j— [SCN ] 
- 2  
experimental parameters, one can calculate values for the individual 
rate constants. For CrCHgCl^* the rate constants k^, k_^ and k2/k_2 are 
0.155 sec % 0.0171 sec ^ and 1.17 M \ The rate constants for CrCHClg^* 
in the same order are 0.0466 sec \ 0.00504 sec ' and 1.31 M \ 
The ion pairing mechanism is not unreasonable. The ion pairing con­
stant for CrfHgO)^^* with SCN has been determined to be 7 M A 
seven-fold decrease in the ion pairing constant is consistent with the 
reduced charge on CrCHgCl^* or CrCHCl2^^« However, there is evidence to 
argue against this interpretation. The initial absorbance measured at 
2+ 300 nm of a solution containing CrCH2Cl and SCN is identical to a 
2+ 
solution of CrCHgCl with no added SCN . This strongly suggests that no 
ion pairs are formed since the spectra of ion pairs are expected to differ 
significantly from the spectra of the ions themselves in the region 250 
to 350 nm. The fact that ADj^ = AD^ also suggests no ion-pairing for the 
54 
same reason. 
The steady-state mechanism requires that AD^ = ADj^ for all wave­
lengths. In this respect the steady-state mechanism better correlates 
with the data. The following discussion will be based on a steady-state 
interpretation. However, the possibility of an ion pairing mechanism 
cannot be definitely eliminated. 
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Due to the special nature of alkylchromium(III) complexes a steady-
state Intermediate cannot automatically be described as a five-coordinate 
Intermediate in a D mechanism. As mentioned previously, Swaddle has 
found a Cr^^ intermediate in the aquation of pyrIdiomethylchromium(III). 
If such a dissociation were occurring in the present system one could 
visualize a reaction scheme illustrated by eq 60, 6l and 62. The addi-
CrR^"*" Cr^"*" + R- (60) 
- 1  
2+ fast 
Cr + + SCN" Cr(SCN) (6l) 
2 
Cr(SCN)+ + R- CrR(SCN)+ (62) 
- 2  
tion of Cr^* to a reaction solution should increase the rate of reaction 
2+ 
-1. This would retard the overall anation reaction. Since added Cr 
was found to have no effect, a mechanism involving free Cr^* can be 
eliminated. 
The D mechanism is the only other plausible alternative. The D 
mechanism for the CrR^^ — SCN system is shown in eq 63 and 64. The 
2 
Cr(H20)gR2+ H2O + Cr(H20)^R^'^ (63) 
y. _ 3 
Cr(H20)^R + SCN" Cr (H20)2^R (SCN)"^ (64) 
-3 
coordinated water has been included to illustrate the dissociative nature 
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of the reaction scheme. Five coordinate intermediates in chromium(III) 
reactions are not without precedent. King^^ has shown that CrfHgO)^^^ 
is a reactive intermediate in mercury(II)-induced aquation of halochrom-
ium(III) complexes. More recently, Fleischer^^ has postulated that the 
chromium(III) salt of tetra(p-su1fonatophenyl)porphine (TPPS) anates via 
a five coordinate intermediate (eq 65 and 66). This chromium(III) complex 
Cr(TPPS)(H,0)(OH) ;==» Cr(TPPS)(OH) + H,0 (65)  
-5 
6 
Cr(TPPS)(OH) + X" Ç=L Cr(TPPS)(OH)(X)" (66) 
-6 
is similar to CrR^^ in that the anation reactions are faster than "normal" 
chromium(III) reactions. However, there are differences. 
Cr(TPPS)(H2O)(OH) does not exhibit D type behavior. The anation rate is 
first order in chromium complex and first order in entering ligand up to 
the highest ligand concentration studied. Fleischer attributes this to 
the higher reactivity of the intermediate toward water than toward thio-
cyanate. Hence, the apparent forward rate constant for anation of 
Cr(TPPS)(H20)(0H) would be 
In the present system, the intermediate does not discriminate to such 
an extent. In fact, the ratio of k^/kg shows that in aqueous solution, 
the probability of a water or a thiocyanate entering is about equal for 
both CrCHgCl^* and CrCHClg^* at 1 M [SCN ]. This difference in reactivity 
of the intermediates in the two svstems may in part be due to the reduced 
charge of the porphine complex which would cause the porphine complex to 
108a 
2+ have a smaller affinity for SCN than CrR . 
Although five coordinate chromium(III) has been observed in other 
systems, a D rate law has not been reported for other chromium(III) com­
plexes. Apparently, the alkyl ligand is quite effective in weakening the 
trans ligand-metal bond through a a-type trans effect. The rate constants 
of CrCH2Cl^* and CrCHClg^^ are consistent with this view. The addition 
of an electron withdrawing group (C1 ) lowers the rate of approach to 
equilibrium. It is interesting to note that each rate constant k^, k_^y 
ky k_^ is decreased by approximately the same percentage going from 
2+ 2+ CrCH2Cl to CrCHCl2 • This indicates that the labilization process to 
a first approximation is independent of the ligand in the labilized posi­
tion. 
If CrR^^ reacts via a D mechanism, then kg should be independent of 
the entering ligand. Unfortunately, in acid solution, the number of 
available ligands is rather limited. No reaction was observed with CI , 
Br , or I . (A result not unexpected considering the SCN reaction 
has an equilibrium constant of only 11.6 M~'). HF does react but kinetic 
analysis is not possible. Thus, we have been unable to demonstrate that 
kg is the same regardless of entering ligand. Until such time that a con­
firmation is forthcoming (perhaps by measurement of the water exchange 
rate), the possibility exists that the reaction occurs via an ion pairing 
mechanism. 
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PART III. KINETIC STUDIES OF THE FORMATION OF A CYANIDE 
BRIDGED ADDUCT OF TWO CATIONIC METAL COMPLEXES 
This work has been previously published. The reader is referred 
to Reference 56. 
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APPENDIX 
For the following derivations, these symbols will be used: 
[ ]° = initial concentration 
[ ]^ = concentration at equilibrium 
[CrR^+] « fCrR^"*"] + [Crpf* • SCN"] 
tot 
I- The Ion-Pairing Mechanism (eq 54-55) 
Equation 56 in the text can be derived in the following manner. 
d(CrR(NCS) ] ^ ^ = k, F CrR^"^-SCN"] - k_,[CrR(NCS)*] (67) 
Si nee 
o. _ K,p[SCN ] 
[CrR -SCN ] « — [CrR ]^ . (68) 
I 4. KJPISCN-] 
and 
[CrR(NCS)+] = - [CrR^^J^ot '  (69) 
(70) 
At equi I i bri um 
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kjfCrR^'^-SCN"]® = k_j[CrR{NCS)'^]® (71) 
^ [CrR^+] ® = k ,[CrR(NCS)"^]® • (72)  
1 + K,p[SCN-] 
By eq 69 and 70 
Rearrangi ng 
k^Kjp[SCN"] 
[CrR'*] = 1 1 . (74) 
- I 
Substituting this result in eq 70 and collectimg terms 
(75) 
Since is a constant. 
.  (76) 
Adding eq 75 and 76 
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H 2+ P k K [SCN"] 
(77) 
([CrRh,,,-[CrR2^1,,; 
Integration of eq 77 gives eq 78 
1n[[CrR2+]^g^^ '"(tCrR^""] ^0^° " [CrR^""] 
k,K^JSCN] 
_ j. 1^ 
-I - ( + k_, )t • (78)  I + Kjp[SCN ] 
Eq 78 is identical to eq 46 in the text which defines Therefore 
one can equate corresponding coefficients^ 
k,KT_[SCN"] 
by obtaining a common denominator, eq 56 follows directly from eq 79. 
II. The Steady State Mechanism (eq 57 - 58) 
By definition of steady-state 
^ = 0 = katCrR^+j +k_^[CrR(NCS)"^] " l<_2[CrR^"^'1 
- k ,ISCN"] [CrR^"^"] fSO) 
i ss 
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k_[CrR^*] + k JCrR(NCS)'^] 
[CrR^ =^-T; • (81) 
k_2 + k j[SCN ] 
Si nee 
d[CrR(SCN) ] ^ |<^[scn"] [CrR^'^1 - k_^ [CrR (SCN)"*"] Ç32 ) 
then 
4CrRfSCNn . USCNl ( .kJCrR(SCNl 
^ k , + k JSCN") 
' 3 (831 
Multiplying through and putting both over a common denominator 
d[CrRfSCN)^1 , - K.2K_^[CRR(NCSN 
k_2 + k ^[SCN"] 
Using eq 85 and 86 and identical techniques used in 8-10 one can 
obtain eq 87-
[CrR(NCS)*] = [CrR^*]° - [CrR^+] (85) 
k,k,[SCN ] n. _ k ,k _ 
(  ^  - ) [ C r R ^  ]  =  (  : ^ - ^ ) [ C r R ( N C S n "  ( 8 6 )  
U  _  +  k  - f S C M  1  k  _  +  k  J S C N I  1  j - L  ^  
117 
-rcrR^+l^l , kgkgtSCN ] + k_2k_^ ^ _2+i r_ _2+^e. 
(87) 
_ df[ C r R  ] - [ C r R  ]  ]  ^  (  _ 2 3  - ± _ ^  )  [ C r R ^ + ]  -  [ C r R ^ " " ] ® }  
k_2 + k ^[SZA 
Integration of eq 87 yields eq 88 identical in form to eq 46. 
ln[[CrR^*] -[CrR^*]^] = 1 n{[CrR^^]° - [CrR^"*"] 
( 1 + KjKj J ^ ^ (88) 
k_2 + k ^[SCN"] 
Therefore one can equate corresponding coefficients and obtain eq 89 
which is equivalent to eq 59 in the text. 
k k r çrw"l 4. u L-
